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Kurzzusammenfassung
Der Klimawandel und die absehbare Erscho¨pfung fossiler Brennstoffe erho¨hen die
Dringlichkeit der Entwicklung sauberer, billiger und erneuerbarer Energiequellen.
Solare Wasserspaltung zur Herstellung von Wasserstoff und Sauerstoff ist eine ideale
Strategie zur Erzeugung von Wasserstoff als eine saubere Energiequelle.
In der vorliegenden Arbeit werden Ha¨matit und Pyrit, die in der Natur aus-
reichend verfu¨gbar und deren Bandlu¨ckenenergien fu¨r die effektive Nutzung von
Solarenergie geeignet sind, fu¨r photoelektrochemische (PEC) und photokatalyti-
sche (PK) Wasserspaltung untersucht. Dabei wurden kommerziell verfu¨gbare und
selbsthergestellte kristalline Nanopartikel jeweils als Photoelektroden oder als Pho-
tokatalysatoren fu¨r die PEC oder PK Wassersspaltung eingesetzt. Die elektroche-
mischen Charakteristika von vorbereiteten Photoanoden (aus α-Fe2O3) und Pho-
tokathoden (aus FeS2) wurden im Dunkeln und unter Bestrahlung mit sichtbarem
Licht untersucht.
Die photokatalytische O2-Bildung u¨ber α-Fe2O3 und die H2-Bildung u¨ber FeS2
wurden sowohl in reiner Form als auch mittels modifizierten Photokatalysatoren
untersucht. Um ihre photokatalytische Aktivita¨t zu erho¨hen, wurde die Oberfla¨che
der Photokatalysatoren mit verschiedenen Co-Katalysatoren (Co-Kat) wie Edelme-
tallen (Pt und Au) und Metalloxiden (NiO, CuO, CoO, IrO2, Cr2O3 und RuO2) mo-
difiziert. Sulfid und Sulfit wurden als Elektronendonoren im H2-Produktionssystem
und Fe3+ als Elektronenfa¨nger im O2-Produktionssystem eingesetzt. Die H2- und
O2-Produktionsraten fu¨r die reinen und mit Co-Kat-beladenen Photokatalysatoren
(FeS2 und Fe2O3) wurden unter sichtbarer Bestrahlung gemessen und die entspre-
chende Photoneneffizienz (ζ) bestimmt.
Um die optimale Beladung fu¨r die Co-Kat herauszufinden, wurden RuO2/Fe2O3
und Pt/FeS2 mit unterschiedlichen Gewichtsprozent (Gew.%) von RuO2 und Pt
hergestellt. Die Ergebnisse zeigen, dass der optimale Beladungsprozentsatz bei 0,5
Gew.% der Co-Kat-Beladung liegt. Daru¨ber hinaus wurde festgestellt, dass NiO
der beste Co-Katalysator fu¨r die H2-Bildung mittels FeS2 war, wa¨hrend RuO2 die
geringste Aktivita¨t in dieser Reaktion zeigte. Im Rahmen der Untersuchungen fu¨r
die O2-Bidung stellte sich RuO2 als bester Co-Katalysator heraus, wa¨hrend IrO2
die niedrigste Aktivita¨t zeigte.
Die komplette Wasserspaltung wurde in einer Kombination, die aus zwei Pho-
tokatalysatoren NiO/FeS2 (H2-Bildung), RuO2/Fe2O3 (O2-Bildung) und einem re-
versiblen Redoxsystem (IO3
–/I– ) besteht, in einem Z-Scheme System untersucht.
Stichwo¨rter: Wasserspaltung, Photokatalyse, Wasserstoffproduktion, Wasseroxi-
dation, Ha¨matit, Pyrit.
Abstract
Climate change and the depletion of fossil fuels are increasing the urgency to develop
clean, cheap, and renewable energy sources. Solar water splitting to form molecular
hydrogen (H2) and oxygen (O2) is an ideal strategy to produce clean and recyclable
hydrogen as an energy source.
In the present work, materials with sufficient abundance and suitable bandgap en-
ergies for visible light harvesting such as hematite (α-Fe2O3) and pyrite (FeS2) were
studied for photoelectrochemical (PEC) and photocatalytic (PC) water splitting.
Commercially available and self-prepared crystalline nanoparticles were employed
as the photoelectrodes or as the photocatalysts for PEC or PC water splitting, re-
spectively. The electrochemical behavior of prepared photoanodes (from α-Fe2O3)
and photocathodes (from FeS2) were investigated in the dark and under visible light
irradiation.
The photocatalytic production of O2 over hematite and H2 over pyrite was studied
in both bare and modified photocatalysts. The surface of the photocatalysts was
modified with various co-catalysts (Co-Cat) including noble metals (Pt and Au)
and metal oxides (NiO, CuO, CoO, IrO2, Cr2O3, and RuO2) to enhance their
photocatalytic activity. Sulfide and sulfite were used as sacrificial electron donors
in the H2 production system and Iron (III) ions as sacrificial electron scavengers
in the O2 evolution system. H2 and O2 production rates for the bare and the Co-
Cat loaded FeS2 and Fe2O3 were measured under visible light irradiation and the
corresponding photonic efficiencies (ζ) were estimated.
In order to determine the optimum loading percentage of Co-Cats, RuO2/Fe2O3,
and Pt/FeS2 with different weight %(wt.%) of RuO2 and Pt were prepared. The
results indicate 0.5 wt% of Co-Cat loading to be the optimum loading percent.
Furthermore, NiO was found to be the best co-catalyst for H2 formation over FeS2,
while RuO2 showed the lowest activity in this reaction. On the other hand, RuO2
was found to be the best co-catalyst for O2 formation over Fe2O3, while IrO2 showed
the lowest activity in this reaction.
The overall water splitting was investigated in a two-step photocatalytic water
splitting (Z-scheme) system consisting of NiO/FeS2 (H2 evolution), RuO2/Fe2O3
(O2 evolution), and IO3
–/I– as a reversible redox mediator.
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1 Introduction and Objectives
In order to reduce the carbon output and keep the global temperature increases
below 2 ◦C, alternative energy systems should be developed to replace fossil fuels [1].
Solar energy could be a source of energy to satisfy all human energy needs provided
that it can be efficiently harvested. The three conventional devices for capturing and
converting electromagnetic energy are photovoltaic cells, photoelectrochemical cells,
and photocatalytic systems [2]. Photovoltaic cells have proven to be an effective
approach and are highly efficient (up to 43.5 %) at converting solar energy to
electricity. However, these cells are expensive and the electricity gained from them
is difficult to store or to transfer. On the other hand, photoelectrochemical cells
and photocatalytic systems can convert solar energy to fuels (such as molecular
hydrogen) to overcome such problems [2, 3].
Photoelectrochemical (PEC) and photocatalytic (PC) solar energy conversion
systems offer the ability to convert electromagnetic energy from the sun into chem-
ical energy through the splitting of water into molecular hydrogen (H2) and oxygen
(O2). Water splitting using the PEC or the PC route is an ideal strategy for
producing clean and recyclable hydrogen as an energy source.
The water splitting reaction is the most fundamental and important reaction
and it is also known as an artificial photosynthesis system. Artificial photosynthe-
sis systems are developed based on the biological photosynthesis process. Nature
provides a practical and efficient way to use solar energy for producing fuels in the
process of the photosynthesis in plants. In photosynthesis, the solar energy is used
to rearrange electrons into H2O and CO2, which ultimately leads to the storage of
solar energy in the form of carbohydrates [4].
The difference between the two water splitting systems is that in the PC system
photocatalyst powders are dispersed in a reactor with water in order to produce hy-
drogen and oxygen simultaneously throughout the entire suspension. On the other
hand, in PEC systems the photoactive semiconductors are employed as electrodes
to drive water oxidation (photoanode) and the reduction of protons to hydrogen
(photocathode) similar to conventional water electrolysis. PEC systems include the
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benefit of collecting the products (H2 and O2) separately [4, 5].
The water splitting reaction is an uphill reaction with a large positive change
in the Gibbs free energy (∆G0=237 kJ mol−1) [6]. Ideally, the energy needed to
drive this reaction should be provided from the sunlight. The principle of photo-
electrochemical water splitting was reported for the first time in 1972 by Honda
and Fujishima using TiO2 and Pt [7]. Since then, over 130 inorganic materials have
been discovered to be convenient photocatalysts (or photoelectrodes) for the water
splitting reaction. Some of these reported materials are able to perform the overall
water splitting and to produce both H2 and O2, while the others are only able to
produce one of these products. However, most of the reported materials for the
overall water splitting exhibit a large band gap and this fact limits the efficient
utilization of solar energy. A large part of the solar light spectrum is in the visible
region, and therefore the search for suitable visible-light-driven photocatalysts is
an ongoing quest [5].
Based on the Gibbs free energy of the water splitting reaction, 1.23 eV is the
energy cost of this reaction. This suggests that each photocatalyst with a band
gap energy of 1.23 eV could drive the water splitting reaction. In this case, this
photocatalyst could have a solar to hydrogen efficiency of 47%. In reality, however,
the situation is different and this reaction has significant energy losses, for example
due to the respective O2 or H2 evolution overpotentials. When these energy losses
are considered, the photocatalyst should have a band gap of at least ∼ 2.3 eV and a
maximum solar to hydrogen efficiency of 7% [8, 9]. It should be notice that often in
the literature an optimum band gap of 2.0–2.25 eV for this reaction is recommended
which reaching a higher solar to hydrogen efficiency [10, 11].
Considering the above-mentioned aspect of the photocatalytic water splitting
reaction, the ultimate goal of creating efficient and cheap photocatalytic water
splitting systems lies in the design of cells or combinations of photocatalysts which
could simultaneously drive both hydrogen and oxygen evolution reactions upon
visible light irradiation. The practical strategy will be a two-photon water splitting
system. This approach in known as tandem cell configuration in PEC and as Z-
scheme water splitting in PC. In both approaches it is possible to use two smaller
band gap materials, thus enabling the effective utilization of solar energy.
The optimum band gaps for the dual photocatalyst systems based on the tandem
cells (or Z-scheme) have been reported in several reports [8, 10, 12, 13]. Generally,
one of these materials has a larger band gap than the other one. The calculation
shows that for optimum efficiency the large band gap material should have a band
2
gap of ∼ 1.7 eV while the small band gap material should have a band gap of
∼ 1.0 eV. This system has the potential to yield a photocatalytic water splitting
efficiency of up to 29% [8]. And further calculation shows that for a combination of
two materials with band gaps of 2.25 and 1.77 eV the solar to hydrogen efficiency
could be around 24% [11]. However, the dual systems are more complicated than
the single photocatalyst systems (e.g. they will have twice the energy loss). One
of the best reported Z-scheme systems is Rh:SrTiO3 and BiVO4 in combination
with Fe3+/Fe2+ as redox shuttle mediator. This system gives a solar to hydrogen
efficiency of 0.1% [14].
In the present study, two semiconductors with sufficient abundance in nature
were chosen to be investigated as possible candidates for the photoelectrodes in
a tandem cell or as photocatalysts in a Z-scheme system. Hematite (α-Fe2O3) is
known as a photoanode in PEC systems and the position of its band gap is suitable
for O2 evolution reaction. On the other hand, in the solar energy literatur, pyrite
(FeS2) is usually known as a suitable hydrogen evolution electrode.
The central objective of the present thesis is the realization of the photocat-
alytic water splitting reaction under visible light irradiation employing hematite
and pyrite as the respective photocatalysts. Therefore, initially the PEC behavior
of these two semiconductors should be investigated. The photocatalytic proper-
ties of both semiconductors should also be determined. For this purpose the O2
evolution reaction on hematite and the H2 evolution reaction on pyrite should be in-
vestigated separately. In this context, it is particularly important to quantify their
performance under co-catalyst loading and in the presence of sacrificial reagents.
To achieve the goal of this study, first nanocrystalline α-Fe2O3 and FeS2 were
synthesized employing wet chemical bottom-up methods. These nanoparticles were
then employed to prepare the PEC photoelectrodes or used as photocatalysts in
the PC system. Aside from the synthesized nanoparticles, commercially available
α-Fe2O3 and FeS2 were also applied in this study.
The PEC measurements were performed in a three-electrode system, where Pt
was the counter electrode, Ag/AgCl the reference electrode, and a pyrite- or a
hematite- electrode was the working electrode, respectively. The PEC measure-
ments include current-voltage and impedance measurements. Current-voltage char-
acterizations were carried out both in the dark and under visible light (λ > 420 nm)
irradiation to observe the effect of light on the activity of the water oxidation or
reduction reaction. Furthermore, impedance measurements were essential to deter-
mine the flat-band potential and the donor density of α-Fe2O3 and FeS2.
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Two approaches were used to determine the photocatalytic activity of α-Fe2O3
and FeS2. First, the activity of each individual photocatalyst was investigated sep-
arately for water oxidation (with α-Fe2O3) or water reduction (with FeS2) in the
presence of suitable sacrificial reagents. Then the combination of the two photo-
catalysts in the Z-scheme system for homogenous production of H2 and O2 was
studied.
Furthermore, in this thesis, the effect of different Co-Cat loadings on the surface
of α-Fe2O3 and FeS2 was studied. For this purpose noble transition metals (such
as Pt or Au) or metal oxides (such as NiO or RuO2) were loaded on the α-Fe2O3
or FeS2, and the photocatalytic activity of O2 or H2 production respectively, was
determined.
Photocatalytic H2 or O2 evolution was investigated in sacrificial systems. In
these cases, just one half-reaction of the water splitting could occur. The oxygen
evolution reaction was studied on bare and Co-Cat loaded α-Fe2O3 where Fe3+ ions
were used as electron acceptors (sacrificial agents), while the hydrogen evolution
reaction was investigated on bare and Co-Cat loaded FeS2 employing sulfide and
sulfite (S2–/SO3
2– ) as sacrificial electron donors. Finally, the best Co-Cat/FeS2 in
the hydrogen evolution reaction and the best Co-Cat/Fe2O3 in the oxygen evolution
reaction were chosen as combination for the Z-scheme water splitting. Here the




Solid materials are categorized into two types based on the temperature dependency
of their electrical conductivity: metallic conductors and semiconductors. A metallic
conductor is a substance with a conductivity that decreases as the temperature is
raised. A semiconductor is a substance with a conductivity that increases as the
temperature is raised. Usually, materials with very low electrical conductivities,
such as the most synthetic polymers, are classified as insulators (Figure 2.1a,b).
When a semiconductor absorbs photons with an energy higher than its band
gap energy, electrons leave the valence band and populate the empty orbitals of
the conduction band. As a consequence of such an electron promotion, positively
charged holes are left in the valence band. The formation of a so-called electron-hole
pair is shown in Figure 2.1c.
These photogenerated electrons and holes are now mobile and can drive reduction
and oxidation reactions if the charge injections into the reactants are thermody-
namically favorable. The distinctions between an insulator and a semiconductor is
related to the magnitude of the band gap. In the case of an insulator, the band gap
is large (usually > 4 eV [15]) therefore at ordinary temperatures just few electrons
will be promoted and the conductivity will remain close to zero.
The semiconductors are also classified into intrinsic and extrinsic semiconductors.
Examples for intrinsic semiconductors are silicon and germanium. The semicon-
ducting properties of these materials are based on the band structure of the pure
material. In an extrinsic semiconductor, the charge carriers are present as a result
of the replacement of some atoms by the dopant atoms. Based on the nature of the
dopants present in the semiconductor lattice, the extrinsic semiconductor can be
classified into the n-type or p-type semiconductor. If the dopant has fewer electrons
than its host, there will be a narrow band which accepts electrons from the valence
band. As a consequence of this procedure, the holes within the band will be mobile
and the substance is a p-type semiconductor (Figure 2.1d). In the case of an n-type
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semiconductor, the dopant has more electrons than its host and forms a narrow
band that can supply electrons to the conduction band. Thus the electrons will be
mobile and build the majority of the charge carriers (Figure 2.1e).
Figure 2.1: (a) an insulator or a semiconductor at T = 0 K, (b) a semiconductor at T
>0 K, at temperatures above 0 K the electrons populate the levels of the
upper conduction band. (c) Photo-generation of electron-hole pairs in
a semiconductor, (d) A p-type semiconductor, here the dopant exhibit
less electrons than its host and the holes are the majority carriers. (e)
An n-type semiconductor, here the dopant exhibit more electron than
its host and the electrons are the majority carriers.
In the present work, hematite and pyrite are the two semiconductors which have
been employed. A general overview of these two materials will be given in the
following chapters.
2.2 Hematite
Hematite (α-Fe2O3) is the most common iron-bearing mineral and thermodynam-
ically stable form of iron oxide. It is the pigment of “red beds”. Hematite is an
n-type semiconductor, however, the synthetic α-Fe2O3 can be n-type or p-type.
This depends on the impurity content and oxygen deficiency in the hematite lat-
tice. The structure of hematite can be described as a hexagonal close packing of
oxygen atoms with iron in two-thirds of the octahedral interstices. They arrange in
the corundum structure, where each iron has six oxygen neighbors and each oxygen
has four iron neighbors [4, 16, 17]. Figure 2.2 presents the unit cell of hematite.
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Figure 2.2: Left: the unit cell of hematite, Right: a detailed view of one Fe2O9
dimer, Reprinted with permission from [18], c©2010 American Chemical
Society.
The band structure and the band gap of hematite play an important role for
investigations of this material in solar energy conversion system. According to most
of the reports hematite has indirect bandgap transition based on the transition of
Fe3+ d–d origin [4, 19–22]. The value of the band gap has been reported to be
between 1.9 and 2.2 eV corresponding to λ = 650 to 560 nm [20, 23, 24]. However,
a few studies have reported a direct bandgap of hematite [25, 26]. This could be
due to the charge transfer from an O 2p orbital to Fe 3d (E>3.2 eV) [19]. Hematite
absorbs shorter wavelengts of the solar light spectrum (yellow to ultraviolet photon
in the visible region). The characteristic red color is due to the relatively good
transmission of red light [4, 18].
The conduction band energy of hematite is determined theoretically and exper-
imentally. The theoretical calculation (using DFT + U) for the centers of the
band gap of the (0001) and (0112) orientations gave the conduction band energies
at −4.48 eV and −5.34 eV. However, in this calculation, the band gap energy of
hematite was taken 3.08 eV. Hankin et al. [24] took these values and considering
the band gap energy value of hematite to be 2.05 eV, recalculated the conduction
band energies. These Authors reported ECB = −3.46 eV, EV B = −5.51 eV for the
(0001) orientation and ECB = −4.32 eV, EV B = −6.37 eV for the (0112) orienta-
tion. Normally, these values are not expected for hematite. For example, the value
−3.46 eV corresponding to -0.51 V vs. SHE. This means that hematite should be
able to perform the water reduction reaction [24, 27].
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However, the experimental studies gave other values and hematite usually is not
able to reduce water. In some experiments, the flat band potential of hematite
is determined by means of Mott-Schottky plots. The conduction band energy is
usually ∼ 0.3 eV higher than the flat band potential. For example taking the
determined value for the flat band potential of hematite 0.4 V [4, 24, 28], this gives
the conduction band edge ∼ 0.1 eV. The valence band edge could be determined
by considering the band gap of the hematite.
2.3 Pyrite
Pyrite (FeS2) is the most common sulfide mineral on earth and has a cubic structure.
The name of pyrite represents a structure type for the series of material with the
composition of AB2 (such as FeSe2, CuS2, NiSe2, etc.). Pyrite was the first mineral
structure determined in 1914 by Bragg with his new X-ray diffraction system [29].
The crystal structure of pyrite is similar to that of the NaCl-type structure. Here
the disulfide (S2)
2− groups are located at the anion sites while the low-spin Fe(II)
atoms at the corners and face center (Figure 2.3). Each S atom is tetrahedrally
coordinated with one S neighbor (the other half of the S2 molecule) and three Fe
neighbors. Each Fe is in the center of an octahedron of S atoms. Even though all six
Fe-S distances are equal, the octahedron is not perfect and is slightly compressed
along one axis [16, 30].
Optical and electrical properties of pyrite have been investigated in both mineral
and synthetic state [16, 31–35]. These investigations found that pyrite can be both
n- and p-type semiconductor [16, 30, 34, 36]. FeS2 pyrite has a strong absorption
coefficient (6× 105 cm−1) and absorbs in the visible region of the light. The band
gap of the pyrite has been measured to be 0.9 ± 0.2 eV. The indirect transition
state of pyrite is derived from the splitting of the iron 3d state. In this context,
the conduction band is formed from the eg doublet of iron 3d orbitals and in the
upper part from the 4s orbital. The valence band is formed from t2g triplet of iron
3d orbitals and the antibonding 2ppi molecular orbitals of the (S2)2− group [16, 30,
37, 38].
The position of the conduction band edge was reported to be −4.5 eV in absolute
vacuum scale (∼ -0.25 V vs. NHE), taking Eg= 0.9 eV the valence band edge will
be −5.4 eV [27, 33, 39].
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Figure 2.3: Crystal structre of pyrite, c©2009 American Mineralogist Crystal Struc-
ture Database.
2.4 Solar Water Splitting
There are several pathways for producing solar fuels (e.g., molecular hydrogen).
These methods can be divided into direct and indirect pathways. Photovoltaics-
electrolysis is a common indirect route. In this system, the solar energy will be
converted to the electrical energy via photovoltaic cells, and the electrolyzers will
convert electrical energy into chemical energy (hydrogen). However, the most ele-
gant method seems to be the direct way. Here the solar energy will be converted
to fuels without producing electricity. Photoelectrochemical (PEC) and photo-
catalytic (PC) solar energy conversion systems are the two direct approaches to
produce solar fuel. In both approaches, semiconductor materials are applied to
oxidize and reduce water to oxygen and hydrogen, respectively [2].
It is possible to distinguish between these two methods. In PC system the semi-
conductor (the photocatalyst) will be dispersed in pure water in order to produce
hydrogen and oxygen homogeneously throughout the solution. The PC system is
easy to scale-up but has a big disadvantage which is the separation of producing
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hydrogen and oxygen, and this probably leads to the undesirable reverse reaction.
In PCE systems the photoactive materials are employed as electrodes. In this case,
usually, O2 evolution (oxidation) occurs at the anode and H2 evolution (reduction)
occurs at the cathode. Thereby a separate collection of the products is possible [2,
4].
In this thesis, both systems have been applied. Therefore, this section deals with
some basic principle of solar water splitting and the following sections deal with
the description of PCE and PC water splitting systems.
2.4.1 Photoelectrolysis
The free energy change (∆G◦) of the water splitting reaction under the standard
condition is 237.2 kJ mol−1, which, based on the Nernst equation, corresponds to
a standard redox potential (∆E◦) of 1.23 V per electron transferred. This means,
that a semiconductor should absorb light with the photon energy greater than 1.23
eV (λ ∼ 1000 nm and shorter) to drive the water splitting reaction.
The overall water splitting reaction consists of two half reactions as follows:
Water oxidation (oxygen evolution reaction):
H2O + 2 h
+ −−→ 2 H+ + 1
2
O2 (2.1)
Water reduction (hydrogen evolution reaction):
2 H+ + 2 e− −−→ H2 (2.2)
Overall reaction:
H2O −−→ H2 + 1
2
O2 (2.3)
In this process, the oxygen evolution reaction requires four electron-hole pairs, while
the hydrogen evolution reaction requires two electron-hole pairs. With this, the
overall reaction is a four electron transfer reaction which can usually be promoted
if a semiconductor with the suitable band gap is employed for this reaction and a
catalyst for the multi-electron transfer steps is present as well.
2.4.2 Requirements of the Semiconductors
The fundamental principle of solar water splitting is shown in Figure 2.4. In the
ideal case, if a semiconductor exhibits a band gap energy (Eg) value of 1.23 eV
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it should be able to drive the water splitting reaction. However, in reality, the
situation is different and the semiconductor should have at least a band gap value
∼ 2.0–2.25 eV. Because the water splitting reaction has significant energy losses
through the O2 or H2 evolution overpotential.
Figure 2.4: Basic principle of overall water splitting on a semiconductor particle.
Adapted with permission from [40], c©2007 American Chemical Society.
Aside from (Eg), the band position of the semiconductor is also important. The
conduction band edge energy (ECB) and valence band edge energy (EV B) should
straddle the electrochemical potentials of E◦ (H+/H2) and E◦ (O2/H2O), to be
able to drive the water reduction and oxidation reaction using the photogenerated
electrons/holes.
Figure 2.5 depicts the band positions of several semiconductors in contact with
an aqueous electrolyte at pH 1 and their relation to the potentials of water splitting.
The energy scale is given on the left for comparison to the vacuum level and the
normal hydrogen electrode (NHE), respectively. The fact is that the band edge
position of the semiconductors can be influenced by the pH of the electrolyte.
Figure 2.5 indicates some of the possible semiconductors as candidates for water
splitting. TiO2 is one of the semiconductors, which is able to split water. However,
TiO2 is just able to absorb in the UV region of the solar spectrum. One aim of
present work is water splitting utilizing solar energy. Sunlight spectrum consists of
three main parts (Figure 2.6). Figure 2.6 indicates that 53 % of the solar spectrum
is in the visible region while just 4% of the solar spectrum is in UV region. It is
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Figure 2.5: Band positions of several semiconductors in contact with aqueous elec-
trolyte at pH 1. Adapted with permission from [3], c©2001 Nature
Publishing Group.
necessary to harvest visible light for effective water splitting.
Figure 2.5 also shows some of the visible light active semiconductors. But most
of these semiconductors are able to perform just half water splitting reactions.
Hematite and pyrite are the two semiconductors which are investigated in this
work. As Figure 2.5 indicates hematite is just able to produce O2 while pyrite can
only produce H2.
Other important factors also should be considered for a good and suitable semi-
conductor for water splitting. One of this requirements is good stability in the
aqueous solution (or electrolyte) under the illumination. Other factors such as
charge separation, mobility and lifetime of the photogenerated electrons and holes
should also be considered. These properties are strongly affected by the crystal
structure, crystallinity, and particle size [5].
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Figure 2.6: Solar light spectrum
2.5 Concept of Photoelectrochemical Cells
The basic configuration of a photoelectrochemical cell is illustrated in Figure 2.7.
Figure 2.7: Schematic illustration of basic concept of a photoelectrochemical cell
Usually, in a PEC system, one or both electrodes can be a photoactive semi-
conductor. In the 1970 s Honda-Fujishima reported about using TiO2 electrode
for solar water splitting [7]. In their PEC configuration, TiO2 was used as the
photoanode and a metal (in this case Pt) as the cathode (same configuration as
Figure 2.7). When TiO2 is irradiated with UV light photogenerated electron-hole
pairs are produced. The photogenerated electrons reduce water to form H2 on the
Pt counter electrode while the holes in the photoanode oxidize water and produced
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O2 with some external bias.
In this section, the effect of the band bending at the interface between semicon-
ductor and electrolyte will be introduced, followed by using hematite (as photoan-
ode) and pyrite (as photocathode) in the PEC system.
2.5.1 Space Charge Layer and Band Bending
When a semiconductor is brought into contact with an electrolyte solution (or other
phases such as gas or metal), the electric charges will be redistributed and a double
layer will be generated. The migration of the charge carriers between the semi-
conductor and the electrolyte, or the trapping of the charge carriers at interfacial
surface states, produces a space charge layer. As the result of the formation of the
space charge layer, the valence and conduction bands will be bent.
Figure 2.8: Schematic illustration showing space charge layer formation and band
bending in case of an n-type semiconductor in contact with an elec-
trolyte. (a) Flat band situation, (b) Accumulation layer, (c) depletion
layer, (d) inversion layer.
Figure 2.8 depicts an n-type semiconductor in contact with an electrolyte under
polarization using a potentiostat at different potentials relative to the flat band
potential. In this figure, four different cases can be observed. The first case (Fig-
ure 2.8a) is the flat-band potential and there is no space charge layer. Here the
applied potential is equal to the flat band potential and therefore the semiconduc-
tor exhibits a consistent charge distribution. The second case is the accumulation
layer, which occurs when the applied potential is less than the flat band potential
(Figure 2.8b). Here the positive charges exist at the interface and the electrons are
accumulated in the semiconductor near the surface within the space charge layer
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region. Hence the bands of the semiconductor are bent downwards to the direction
of the surface due to the decrease of the potential energy of the electron. The third
case is the depletion layer and this occurs when the applied potential is greater
than the flat band potential (Figure 2.8c). In this case, the negative charges exist
at the interface and positive charges accumulate near the surface. This situation is
causing the upward band bending to the direction of the surface. If the depletion of
majority carriers goes so far into the semiconductor, the Fermi level will decrease
below the intrinsic level and site closer to the valence than the conduction band
(this occurs when the applied potential is much greater than the flat band poten-
tial). In this case, the surface region of the semiconductor seems to be p-type while
the bulk still shows n-type behavior. This space charge layer is called an inversion
layer (Figure 2.8d).
2.5.2 α-Fe2O3 Photoanodes for Water Splitting
In a photoelectrochemical cell, the photoanode is responsible for oxygen evolution
and is usually an n-type semiconductor. One of the most investigated photoanode
material is hematite. One of the first investigations on hematite as a material for
water photolysis has been done in 1976 by Hardee and Bard [41]. They investigated
photocurrent measurements on thin films of Fe2O3 prepared on Ti and Pt substrates
via chemical vapor deposition (CVD).
As mentioned in section 2.2, the band gap of hematite makes it possible for
this material to absorb a significant portion of the solar spectrum. In addition,
the position of the valence band edge is convenient to oxidize water. However, the
position of the conduction band edge of α-Fe2O3 is not suitable to produce hydrogen.
Thus an external bias is required to initiate the water splitting reaction (Figure 2.9).
Besides its band gap, hematite has other advantages such as its chemical stability
and it is nontoxic, abundant and inexpensive. All of these benefits make α-Fe2O3
an interesting candidate as a photoanode in PEC solar water splitting. But there
are major challenges to use this material in PEC and make it a complex system.
One of the main issues is that hematite exhibits a very short hole diffusion length
(LD = 2 − 4 nm [21]) and this permits the unfavorable premature recombination
of the electrons and holes in the material and this before they could diffuse to the
surface to perform chemical reaction such as water oxidation. Hematite also needs
a large overpotential for water oxidation. The reasons for this fact could come
from different sources. For example, it could be due to the electrical resistance in
the electrode or electrolyte, or from the depletion of charge carriers at the surface.
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Figure 2.9: Energy diagram of a photoelectrochemical cell with a single photoelec-
trode, here hematite is employed as the photoanode and performed the
oxygen evolution (oxidation) reaction, and a cathode performed the hy-
drogen evolution (reduction) reaction. Adapted with permission from
[4], c©2011 John Wiley & Sons.
This occurs when an electrochemical reaction is fast enough to lower the surface
concentration of the charge carriers below that of bulk solution [28, 42].
The relative low absorption coefficient of hematite (∼ 104 cm−1 [43, 44]) pre-
supposes a film thickness around 400-500 nm for complete light absorption [4].
Generally, the light harvesting efficiency (εLH) of incident photons by a semicon-
ductor is dependent on the material absorption coefficient (α) and the thickness (l)
according to the following equation:
εLH = 1− eαl (2.4)
Based on this equation, each semiconductor needs to have a thickness of 3/α to be
able to absorb 95% of the light at a given wavelength. For example, at wavelength
550 nm for hematite (α=8× 104 cm−1), the thickness should be 400 nm to absorb
95% of the light at this wavelength [45].
However, there are strategies to overcome these problems. The first strategy
could be optimizing the electrode morphology, this leads to increasing of the water
splitting photocurrent density. Because the electrode morphology affects the charge
carriers recombination and this is a critical factor to control the photocurrent [4, 18,
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46]. The second strategy could be, employing various surface treatment (catalysis)
which help to reduce the overpotential [4, 47]. Nevertheless, the performance of
the best-optimized hematite photoanodes are far from materials such as TiO2 and
WO3 [48].
2.5.3 Photocathodes for Water Splitting
A good photocathode for the water splitting should be stable in aqueous solution
and under illumination. Furthermore, it should be able to supply sufficient cathodic
current to reduce protons to H2 and as mentioned in section 2.4.2, the position of
the conduction band edge must be convenient to fully reduce water to H2.
In section 2.5.1, the band bending of the semiconductors has been discussed.
When a semiconductor is brought into contact with an electrolyte solution, the
Fermi level of the semiconductor will equilibrate with the electrochemical potential
of the liquid through transferring charge across the interface. In the case of a p-type
semiconductor, the band bending will occur in the way that the photogenerated
electrons float toward the interface, while holes are moved into the bulk of the
solid. Hence it will be expected that the photoexcitation drives electrons from
the solid into the solution (see Figure 2.10). In some way, this cathodic current
could protect the surface of the semiconductor from the oxidation. Based on this
fact, p-type semiconductors are the best option as photocathodes for the hydrogen
evolution. Searching literature reveals some of the p-type semiconductors (such as
p-GaP, p-InP, p-Si) which have been applied in the PEC system as photocathodes
[49].
Ja¨germann et al. [32] investigated the photoelectrochemical behavior of the FeS2
electrode. They expected that n-FeS2 is able to produce O2 as RuS2 since they
Figure 2.10: Schematic illustration of energy levels of a p-type semiconductor (a), a




have the same structure. According to their results at the positive potential only
a corrosion to SO4
2– was observed and no O2 was produced. Further studies were
performed by Ennaui et al. [33]. They demonstrated the operation of a PEC
cell based on FeS2 with high photocurrent efficiency and reported the interesting
role of the I–/I3
– redox couple in the charge transfer reaction. As an iron based
material, pyrite is an interesting material and could be considered as an electrode
in the photoelectrochemical cells. This is due to its excellent properties such as
being an abundant and a nontoxic material, exhibiting a very good photoabsorption
characteristics, and suitable band gap making pyrite possible to absorb a significant
portion of the solar spectrum [16, 30, 33–35] (more information about pyrite in
section 2.3).
However one of the big challenges of using this material in PEC or PC system
is its photocorrosion during the illumination. Pyrite electrodes in contact with
water and under illumination photocorrode via hole transfer corresponding to the
following overall reaction [30]:
FeS2 + 8 H2O + 15 h
+ hν−−→ Fe3+ + 2 SO42− + 16 H+ (2.5)
Due to this reaction, it is not easy to have a stable system during the illumination.
In most cases, the stability of the system depends on the surface properties of the
pyrite electrode and the possibility of stabilization of the interface of the electrode,
e.g. in the presence of electron donor reagents [30, 50].
In the present study the photoelectrochemical behavior of pyrite electrodes has
been studied to find out whether this material could be a good candidate as a
photocathode in a PEC cell.
2.6 Photocatalytic Water Splitting
The search for highly efficient and affordable semiconductor based photocatalysts
for the water splitting is an ongoing quest. Besides this point, developing new
strategies and modifying the operating system could also influence the efficiency of
the reaction. In this section first, two of these strategies will be introduced, which
have been used in the present study to improve the activity of the photocatalyst
(hematite or pyrite). The following subsections are describing various PC water
splitting systems.
In principle, there are three different systems for PC water splitting: a single
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photocatalyst water splitting system (or one-step excitation), a Z-scheme overall
water splitting system (or two-step excitation) and water splitting system in the
presence of sacrificial reagents (electron or hole scavengers).
2.6.1 Co-catayst Loading
One of the issues affecting the efficiency of the photocatalytic reaction is the charge
carrier recombination. Therefore the strategy to improve the photocatalytic activity
must be based on the efficient separation of the photogenerated charges to avoid
bulk/surface charge recombination and transfer to the separated active sites on
the surface of the photocatalyst. This could also inhibit the backward reaction of
hydrogen and oxygen to produce water.
Figure 2.11: Processes of charge transfer between semiconductor photocatalyst and
co-catalyst, in the example of Pt as co-catalyst. Reprinted with per-
mission from [51], c©2010 American Chemical Society.
Some transition noble metals (such as Pt[52, 53], Rh[52, 53] and Au[54–56]) and
metal oxides (such as NiO [57, 58] and RuO2 [59–61]) are widely used as effective
co-catalysts for photocatalytic water splitting. Pt [56, 58, 62] is one of the most
applied noble metal co-catalyst in different photocatalytic water splitting systems.
The charge separation and transfer process between the co-catalyst (here Pt) and
the photocatalyst are depicted in Figure 2.11. To explain how the co-catalysts
loading could help these processes, it should be considered that usually, the Fermi
levels of these noble metals are lower than that of the semiconductor photocatalyst.
19
2 Theoretical background
In this way the photogenerated electrons can be transferred to the surface of the
photocatalyst and will be trapped by the noble metal co-catalyst, while the pho-
togenerated holes remain at the photocatalyst and migrate to its surface. These
facts reduce the possibility of the electron-hole recombination whereby an efficient
separation of the photogenerated electrons and holes can be achieved [51]. This
Figure 2.12: Schematic illustration of the Schottky barrier formation at the metal-
semiconductor interface in equilibrium. E0: vacuum level, EF: Fermi
level, ΦM: work function of the metal, ΦS: work function of the semi-
conductor, Φb: Schottky barrier height.
explanation is represented in the illustration of the formation of a Schottky bar-
rier at the metal-semiconductor junction as shown in Figure 2.12. Separately and
before contact, the metal and an n-type semiconductor have different Fermi level
positions and as Figure 2.12 depicts metal has a higher work function (ΦM) than
the semiconductor (ΦS). When they are brought together after contact, the elec-
trons will migrate from the semiconductor to the metal and this continues until
the two Fermi levels are aligned. Due to this contact, a space charge layer develop.
Furthermore, the surface of the metal raises an excess of electrons while an excess
of positive charge occurres on the surface of the semiconductor since the electrons
migrate from the barrier region. As a result, the semiconductor bands bend up-
wards toward the surface, and the layer is said to be depleted. The formed barrier
at the metal-semiconductor interface is called the Schottky barrier and the height
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of the barrier (Φb) is given according to the following equation:
Φb = ΦM − Ex (2.6)
Here Ex is the electron affinity and usually measured from the conduction band
edge to the vacuum level of the semiconductor [63].
It should be considered that due to the noble metal loading the charge recombina-
tion will be reduced but the water splitting remains still difficult. This is due to the
facts that the recombination cannot be completely suppressed and the backward
reaction of H2 and O2 to form H2O is thermodynamically favorable [48].
In water splitting, the backward reaction must be suppressed because of the
negative ∆G◦ of water formation reaction (-237.2 kJ mol−1). The transition metal
oxide co-catalysts (such as NiO, RuO2, and IrO2) seem to be able to produce active
sites for H2 or O2 evolution. These could block the charge carrier recombination
and enhance the photocatalytic activity. According to the literature, metal oxide
co-catalysts, such as NiO, are able to improve the activity with efficient charge
separation for water splitting and suppressing the backward reaction.
Finally, it should be noted that some of the co-catalysts are better for the H2
evolution reaction and others for the O2 evolution reaction. For example, Pt is
well-known as a H2 evolution co-catalyst [5, 64] while IrO2 is well-known as O2
evolution co-catalyst [5, 59, 65].
2.6.2 Nanoscale Effect
Nanostructured photocatalysts and photoelectrodes are recently becoming very
popular [46, 47, 66]. The reason for this is that recent investigations assumed
that nanoscaling leads to the improvement of the catalytic properties over the bulk
forms [67, 68]. The fact is that nanoscale photocatalysts have several advantages
for water splitting reaction over the bulk ones. This is due to the following as-
pects: nanostructured photocatalysts have a large surface area thereby increasing
the number of the catalytic sites for water splitting. Nanoscaling also leads to
shorter diffusion lengths for charge carriers to reach the surface. It is also possible
to profit from the quantum size effect among the nanoparticulate materials and
adjust the band gap of the material. With increasing the band gap, the conduction
band edge shifts to more reducing and the valence band to more oxidizing poten-
tials. Nanoscaling also affects the light distribution. The absorption of the incident
light is better for films with the thickness in the nm range. The light harvesting
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is also better in micro- or nanoscale materials, due to the scattering of the light in
the colloidal suspension the light is mostly trapped in the suspension [11, 69, 70].
The advantages of nanomaterials for solar energy conversion were demonstrated
by several groups [11, 59, 60, 69, 71–74]. For example, Gra¨tzel’s group reported on
nanostructured dye-sensitized photoelectrochemical cell [72] or using nanolayers [73]
or nanoparticles [74] in PEC systems. In the literature some examples for improving
the photocatalytic water splitting exist due to the nanoscaling effect. Saito et al.
reported about LiNbO3 nanowires which are prepared via a metal complex-based
strategy. The photocatalytic performance of obtained nanowires (70 nm × 10 µm,
Eg= 4.0 eV) was enhanced in comparison with the bulky LiNbO3 [75]. In another
example Yan et al. reported about overall water splitting over Zn2GeO4 nanorods
(100 nm × 150 nm). These nanorods improved the PC water splitting performance
and photoreduction of CO2. The authors supposed that this leads to the reduced
number of crystal defects, high specific surface area and beneficial microstructure
on the catalyst’s surface [76]. One of the most active nanoscale photocatalysts was
reported by Yokoi et al. in 2011. The authors reported about NiO-loaded NaTaO3
nanoparticles. Their investigations indicate that the photocatalytic activity for
overall water splitting reaction (2.0 µmol h−1 of H2 with stoichiometric O2) was
three times higher than non-structured bulk NaTaO3 particles [77].
Besides all of the advantages nanostructured photocatalysts have also significant
disadvantages that might hinder the activity and efficiency of the photocatalytic
reaction. Some of these disadvantages are summarized as follows: the large surface
area promotes the defect recombination. Since nanostructured photocatalysts ex-
hibit larger specific interfacial areas, the surface and the interfacial recombination
rates will also be increased. The generation of the space charge layer in the col-
loidal nanoparticles is different from that in the large particles. The electrical field
in small semiconductors is usually small so that high dopant levels are required to
produce a significant potential difference between the surface and the surface of the
particles [79].
The charge carrier separation in the nanoparticles is more complicated to achieve
than in the bulk because at the average doping concentrations the space charge lay-
ers are not effective on the nanoscale. Figure 2.13 shows a comparison between the
space charge layers in large and small particles. Generally, the space charge layer
thickness dSC of spherical nanoparticles cannot be much greater than the radius d/2
of the particles and this fact confines the possible barrier height at the interface.
For example, O’Regan et al. [80] calculated for 16 nm TiO2 nanoparticles with a
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Figure 2.13: Illustration of the space charge layers in large (left) and small (right)
particles, A: electron acceptor and D electron donor. Reprinted with
permission from [78], c©1994 Springer, Berlin, Heidelberg.
dielectric constant and ionized donor concentration values of 130 and 1017 cm−3
respectively, a barrier height of 0.3 mV under maximum depletion. This resulted in
essential flat bands in nanoparticles as is noticeable in Figure 2.13 for the nanopar-
ticles in absence of a strong applied bias [11, 69, 78, 80].
2.6.3 Single Photocatalyst Water Splitting System
Basically, overall water splitting with a photocatalyst which exhibits a suitable band
gap for this reaction should be possible (more details are given in section 2.4.2).
However, most semiconductors and even TiO2 are not able to split water with-
out modifications such as loading with co-catalysts [81]. Figure 2.14 illustrates
overall water splitting over the active sites (co-catalysts). Some of the reported
photocatalysts which split water under UV illumination with co-catalyst modi-
fications are: Pt/RuO2/TiO2 [59], NiO/NaTaO3 [83–85], Pt/Sr2Nb2O7[86], and
NiO/Sr2NbxTa2–xO7 [87]. One of the best performance of the photocatalytic over-
all water splitting has been reported by Kato et al. in 2003 [85]. They doped
NiO-loaded NaTaO3 with lanthanum (with different wt% of NiO and mol % of La)
and illuminated with UV light. They observed stoichiometric H2 and O2 evolution
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Figure 2.14: Schematic illustration of photocatalytic water splitting by a single pho-
tocatalyst over the active sites (co-catalysts), the values of one-electron
couples are taken from [82].
and the maximum quantum yield has been reported to be 56% at 270 nm. Alto-
gether, these efficient photocatalysts are UV light active and to harvest the solar
light, effective visible light active photocatalysts should be considered [88].
Some of the visible light active photocatalysts are presented in Figure 2.5. The-
oretically visible active photocatalysts such as CdS, CdSe, and ZnS seem to have
suitable band positions for water splitting. However, CdS and CdSe are not able
to produce H2 and O2. Furthermore, it is well known that these materials prone
to photocorrosion in the photocatalytic reaction where CdS (or CdSe) itself will be
oxidized by the photogenerated holes according to the following reaction [5, 81, 89]:
CdS + 2 h+ −−→ Cd2+ + S (2.7)
Photocorrosion has also been reported in case of ZnO in the absence of noble metal
co-catalysts (h+: photogenerated holes) [5, 81]:
ZnO + 2 h+ −−→ Zn2+ + 1
2
O2 (2.8)
2.6.4 Z-scheme Overall Water Splitting System
Clearly, overall water splitting via a single photocatalyst has significant challenges.
On the other hand, the Z-scheme water splitting systems could solve some of the
issues regarding the overall water splitting via a single photocatalyst. Figure 2.15
illustrates the basic principles of the overall water splitting by two photocatalysts
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Figure 2.15: Schematic illustration of basic principle the overall water splitting by
two photocatalysts in the Z-scheme system including the shuttle redox
mediator.
in the so-called Z-scheme system. With this system, it is possible to employ the
narrow band gap materials and most importantly visible light active materials such
as WO3, Fe2O3, and FeS2. Either the valence band or the conduction band position
of these semiconductors is not suitable for H2 or O2 evolution reaction. Thus, the
best strategy will be to combine two visible light active photocatalysts whereby one
of them is able to produce H2 and the other one is able to produce O2 (Figure 2.15).
The system was introduced by Bard in 1979 [90] based on the inspiration from the
natural photosynthesis of green plants. Later on, the system has been developed
using different photocatalysts and employing suitable shuttle redox mediators [88,
91, 92].
In a Z-scheme system, each photocatalyst is just proper for a half-reaction of
water splitting. Therefore, this system is not only expanding the scope of applying
photocatalysts with improper band edge position for water splitting but also is
capable of separating the active sites of each reaction (H2 or O2 production) thus
suppressing the backward reaction of hydrogen and oxygen to produce water. One
critical issue of the Z-scheme water splitting is the backward reaction involving
redox mediators which is thermodynamically more favorable than water splitting.
Therefore, it is important to construct photocatalytic systems with high selectively
for the forward reactions.
Nowadays Z-scheme systems are popular and extensively investigated. Some of
the investigated Z-scheme water splitting systems were reported by the Domen
group [6, 64, 93, 94]. For example, they investigated Z-scheme systems with two
different semiconductor photocatalysts using a modified ZrO2/TaON species (as
H2 evolution photocatalyst) and various O2 evolution photocatalysts with shuttle
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Figure 2.16: Mechanism of water splitting using Ru/SrTiO3:Rh as H2 evolution
photocatalyst and BiVO4 as O2 evolution photocatalyst in a Z-scheme
photocatalysis system driven by electron transfer between H2- and O2-
photocatalysts. Reprinted with permission from [95], c©2009 American
Chemical Society.
redox mediators. The best result under the optimal condition has been reported
for a system with Pt/ZrO2/TaON (for H2 evolution), Pt/WO3 (for O2 evolution),
and IO3
–/I– as the shuttle redox mediator. In this system, an apparent quantum
yield of 6.3% at 420.5 nm has been reported [64].
It is also possible to have Z-scheme water splitting without the shuttle redox
mediator to avoid undesired backward reactions or a filter effect due to absorption
by the redox mediator. For example Sasaki et al. [95] have reported about a
system with Ru/SrTiO3:Rh (for H2 evolution) and different photocatalysts for O2
evolution such as BiVO4 and WO3. In addition, they proposed a mechanism for
the Z-scheme water splitting including interparticle electron transfer between the
two photocatalysts over Rh species (with reversible oxidation number) existing at
the surface of SrTiO3:Rh (see Figure 2.16) .
2.6.5 Photocatalytic H2 or O2 Evolution in Sacrificial Systems
One of the main strategies to check the activity of a photocatalyst or to test if a
photocatalyst is suitable for H2 or O2 evolution is to carry out the reaction in the
presence of suitable sacrificial reagents. These sacrificial reagents are usually various
kinds of inorganic ions (such as S2–/SO3
2– , I– , Ag+ or Fe3+) or organic compounds
(such as pollutants) which act as electron donors or acceptors, respectively. These
reagents are called ”sacrificial reagents” since they will be consumed during the
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Figure 2.17: Illustration of the basic principle of photocatalytic H2 and O2 evolution
in presence of suitable reducing and oxidizing reagents. Adapted with
permission from [40], c©2007 American Chemical Society.
photocatalytic reaction [88, 96].
Expectedly the system will be involved in the production of H2 or O2. Therefore,
these tests give the opportunity to improve the photocatalytic hydrogen or oxygen
generation rates. Figure 2.17 illustrates the basic principle of photocatalytic H2-
and O2- production applying sacrificial reagents. In presence of reducing reagents
(also called electron donors or hole scavengers) in the photocatalytic reaction, the
photogenerated holes oxidize the reducing reagents instead of water. Thereby, the
photogenerated electrons will be accumulated in the conduction band of the pho-
tocatalyst and improve the H2 production rate. In the other case, in presence of
oxidizing reagents (also called electron acceptors or electron scavengers), photogen-
erated electrons reduce the oxidizing reagents instead of water [40, 88].
Even though in the illustration in Figure 2.17 the band edges of the photocatalyst
seem to be suitable for overall water splitting, these systems are also suitable for the
photocatalysts where just one of the band edges is suitable for water oxidation or
reduction. Generally, it should be considered, that these systems are just involved
with one of the half reaction of the water splitting, therefore the term of “water
splitting” is not suitable for these reactions.
Commonly used hole scavengers for H2 evolution reaction are alcohols [81, 97–
101] and sulfide ions [51]. In present work S2–/SO3
2– have been employed as the
hole scavengers. These sacrificial reagents are widely used in case of CdS as the
photocatalyst for H2 production[48, 89, 102–104]. Photocorrosion is one of the main




In presence of the reducing reagents such as S2–and SO3
2– , first the holes could
react with the S2– to form S (reaction 2.9), subsequently S could react with SO3
2–
and produce S2O3
2– (reaction 2.10), in order to prevent any detrimental deposition
of S onto CdS [48, 103].
S2− + 2 h+ −−→ S (2.9)
S + SO3
2− −−→ S2O32− (2.10)
On the contrary to the reported suitable hole scavengers for the H2 evolution
reaction, the variety of electron scavengers for O2 evolution reaction are limited.
Silver (Ag+) is one of the widely used electron acceptors [81, 105–107]. Beside of
silver cations, iron cations are also common in O2 evolution reactions [108–110]. In
the present study ferric ions (Fe3+) have been employed as the electron scavengers
to produce molecular oxygen according to reaction 2.11 and reaction 2.12. Here
the photogenerated holes oxidize water to O2 while photogenerated electrons reduce
Fe3+ to Fe2+:
2 H2O + 4 h
+ hν−−→ O2 + 4 H+ (2.11)
4 Fe3+ + 4 e− hν−−→ 4 Fe2+ (2.12)
In 2013 Schneider and Bahnemann published a critical article about the undesired
role of the sacrificial reagents [111]. In this article, first, the authors discussed in
detail the role of sacrificial organic electron donors such as methanol or any alcohol
which exhibits a hydrogen atom at the carbon atom in the α-position to its OH
group. Generally, it is expected that the H2 formation from the photocatalytic
oxidation of the methanol is carried out by the photogenerated electrons in the
photocatalyst (for example TiO2). However due to a process called “current dou-
bling effect”, it is possible that half of the produced H2-gases are formed through
the action of holes and not that of electrons. And therefore the overall efficiency
of the H2 formation reaction could be limited by the initial hole transfer to the
sacrificial reagent [78, 112].
Furthermore, the authors discussed the role of sacrificial inorganic electron donors
such as sulfide (S2– ) and sulfite (SO3
2– ). As mentioned, these sacrificial reagents
are widely used in H2 production systems employing CdS as the photocatalyst. In
the literature different supposed mechanisms for the hydrogen production in the
presence of S2–/SO3
2– exist. One of these mechanisms is discussed by Jang et al.
[103] and mentioned above (reaction 2.9 and 2.10). However, Bao et al. [113] sup-
posed a different mechanism for this reaction using a Pt-loaded CdS photocatalyst
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and suggested a mixture of SO4
2– , S2O6
2– , S2O3
2– and S2– as the products of this
reaction. The proposed reaction mechanism for the H2 production in a mixture of
S2–/SO3
2– is summarized as follows:
2 H2O + 2 e
− −−→ H2 + 2 OH− (2.13)
SO3
2− + 2 OH− + 2 h+ −−→ SO42− + H2O (2.14)
2 SO3
2− + 2 h+ −−→ S2O62− (2.15)
2 S2− + 2 h+ −−→ S22− (2.16)
SO3
2− + S2− + 2 h+ −−→ S2O32− (2.17)
S2
2− + SO32− −−→ S2O32− + S2− (2.18)
Generally, the oxidation of S2– and SO3
2– can either be carried out by a two-
electron transfer process or even through the thermodynamically less favorable
one-electron oxidation, which will form two powerful reducing agents as free radical
intermediates, i.e. S–• (E0 = -1.7 V vs. NHE) and •SO3 – (E0 = -2.4 V vs.
NHE) [81, 111]. Based on this fact and various proposed mechanisms suggested
by different authors, it could be expected that different reactions and products
are involved in the photocatalytic oxidation of sulfide and/or sulfite in aqueous
semiconductor suspensions.
In most investigations only the H2 production is reported and there are no exper-
iments involving the analyses of the reaction mixture and clarifying the role of used
sacrificial reagents [89, 104, 114]. It is very important to understand from either
the direct reductive or the indirect oxidative pathways the H2 will be formed.
The deficiency of explanation of the role of the sacrificial reagents exists not only
in the case of electron donors but also for the electron acceptors too. As mentioned,
silver cations (Ag+) is one of the widely used electron acceptors in the O2 evolution
reactions. It is supposed that the O2-evolution reaction occurs in the presence of
Ag+ as follows:
2 H2O + 4 h
+ hν−−→ O2 + 4 H+ (2.11)
4 e− + 4 Ag+ hν−−→ 4 Ag0 (2.19)
nAg0
hν−−→ Agn0 (2.20)
The O2 evolution could also be performed in presence of ferric ions (Fe
3+) as sac-
rificial electron acceptors. As mentioned this procedure proceeds according to the
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reactions 2.11 and 2.12.
However, the O2 evolution reactions could not perform when reagents such as
CCl4 or C(NO2)4 are used as the electron acceptors. This fact means that these
active electron acceptors are not suitable for the O2 evolution reaction, introduc-
ing the question of why Ag+ and Fe3+ are capable of performing this reaction.
Furthermore, it is not clear if Ag+ and Fe3+ are involved in the water oxidation
reaction.
If it is considered that the photogenerated holes are capable of performing fol-
lowing one-electron oxidation and oxidize Ag+ and Fe3+(reactions 2.21 and 2.22),
then it is obviously not clear whether the produced O2-gases are only due to the
water oxidation reaction.
h+ + Ag+ −−→ Ag2+ (2.21)
h+ + Fe3+ −−→ Fe4+ (2.22)
Ag2+-species could produce Ag2O2 in aqueous solution according to the following
reaction:
2 Ag2+ + 2 H2O −−→ Ag2O2 + 4 H+ (2.23)
And Ag2O2 could react with the photogenerated holes from the photocatalytic
reaction and produce O2 according to the following reaction:
Ag2O2 + 2 h
+ −−→ 2 Ag+ + O2 (2.24)
Similar to the above-mentioned reactions, Fe4+ could also undergo an oxidation
reaction and produce O2 based on the following reactions:
Fe4+ + h+ −−→ Fe5+ (2.25)
Fe4+ could be further oxidized:
2 Fe5+ + 2 H2O −−→ [Fe2O2]6+ + 4 H+ (2.26)
[Fe2O2]
6+ −−→ 2 Fe3+ + O2 (2.27)
Based on these aspects, the role of metal cations such as Ag+ and Fe3+ in the
photocatalytic O2 evolution systems should carefully be defined since they are able
to perform other reactions (reactions 2.21-2.27) besides being the electron scavenger
in the system.
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This Chapter is divided into four sections. The first section deals with the prepa-
ration methods of the nanoparticles and electrodes followed by the section of the
characterization of these samples. The last two sections deal with the photoelec-
trochemical and photocatalytical tests on these samples.
3.1 Materials
Three types of semiconductors have been studied: iron oxide Fe2O3, iron disulfide
FeS2 and titanium dioxide TiO2. Each of them were either purchased commercially
(see table 3.1) or prepared according to published synthesis methods. Fe2O3 and
FeS2 electrodes have been prepared for photoelectrochemical investigations. All
chemicals were purchased from Sigma Aldrich and were used as received without
further purification. All aqueous solutions were prepared with deionized water from
a SARTORIUS ARIUM 611 apparatus (resistivity = 18.2 MΩ·cm).
Table 3.1: Commercial photocatalysts used in this work
Material Crystal structur Supplier
Fe2O3 (20-40 nm) Hematite io-Li-tec Germany
FeS2(325 mesh) Pyrite Sigma-Aldrich
TiO2 Aeroxide P25 (21 nm) 30% Rutile and 70% Anatase Evonik Germany
TiO2 Hombikat UV100 (≤10 nm) 100% Anatase Huntsman Germany
3.1.1 Preparation of Hematite (α-Fe2O3) Nanoparticles
α-Fe2O3 nanoparticles have been prepared from inorganic precursors according to
Faust et al.[115]. In a typical synthesis, 100 mL of 0.1 M aqueous iron (III) chloride
(prepared from FeCl3 or FeCl3 · 6 H2O) were added dropwise into 400 mL vigorously
stirred boiling water. The solution was refluxed for 1 h and subsequently cooled
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in an ice bath. The resulting colloidal suspension had a dark red color and was
extremely acidic based on the following reaction:
2 FeCl3 + 3 H2O −−→ Fe2O3 + 6 HCl (3.1)
The colloidal Fe2O3 suspension was dialyzed against deionized water using a dialysis
tube (Medicell International, MWCO 12000-14 000). The suspension was dialyzed
at least for three days changing the deionized water several times until the electrical
conductivity had reached a value below 2 µS cm−1 (measured via Qcond 2200 from
VWR) and the pH was ≥ 6. Finally, the colloid was freeze-dried by an ALPHA 1-4
LSC Freeze Dryer and a dark red Fe2O3 powder was obtained.
3.1.2 Preparation of Pyrite (FeS2) Nanoparticles
Pyrite (FeS2) nanoparticles have been prepared according to a method published
by Bai et al.[116]. This synthesis method was very sensitive to the presence of O2.
Therefore the synthesis was carried out under constant N2-flow in a round three-
neck flask. In this flask 0.259 g of iron (II) chloride tetrahydrate (FeCl2 · 4 H2O,
99%) (1.30 mmol) were dissolved under purging with N2 in 90 mL of dimethyl sul-
foxide (DMSO) containing 361 µL thioglycolic acid (TGA, 99%). The solution was
stirred under N2 purging and finally yielded a green color. After 30 min, 10 mL
of an aqueous sodium thiosulfate pentahydrate (Na2S2O3 · 5 H2O, 99.5%) solution
(5.85 mmol) were added dropwise to the reaction mixture under N2 atmosphere.
The color of the solution quickly changed from green to brown. Subsequently, the
reaction mixture was brought to the boiling temperature and refluxed under N2
atmosphere. Thereby, the resulting colloidal suspension changed the color from
brown to dark gray. The nanocolloids were allowed to grow and crystallize un-
der continuous reflux at a temperature around 412 K for 2-8h. The reflux time
affected the size of the resulting nanoparticles. The products were separated from
the reaction media by centrifugation and washed several times with ethanol and
deionized water. The final products were dried in vacuum at 334 K for 5h. The
resulting powder had a gray color. The chemicals used for the synthesis of the
pyrite nanoparticles are presented below (see Table 3.2).
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FeCl2 · 4 H2O 198.18 1.3 0.25 - 1
Na2S2O3 · 5 H2O 248.18 5.8 1.45 - 4.5
HSCH2COOH 92.12 5.2 - 0.361 4
(CH3)2SO 78.13 1267 - 90 975
H2O 18.01 555 - 10 427
3.1.3 Preparation of Colloidal Platin (Pt) Nanoparticles
Nobel metal nanoparticles like Pt were used as co-catalysts in this work. In some
cases, colloidal Pt was used to modify FeS2- or Fe2O3- photocatalyst. The colloidal
Pt particles were thermally prepared by reducing H2PtCl6 · 6 H2O solution with
sodium citrate according to Brugger et al. [117]. 6 mL of a sodium citrate solution
(20 mg L−1) was added to 23.4 mL of a boiling 0.001 M solution of H2PtCl6 · 6 H2O.
Subsequently, the mixture was refluxed for 4 h. The colloid was cooled at room
temperature and dialyzed against deionized water (using the dialysis tube) until
the electrical conductivity had a value below 5 µS cm−1.
3.1.4 Loading of FeS2-Nanoparticles with Pt
The synthesis method of pyrite (section 3.1.2) was modified to load pyrite nanopar-
ticles (FeS2) with platinum (Pt). For this purpose, first the synthesis described
previously was carried out. After a reaction time of two hours, the desired amount
of the colloidal platinum solution (described in section 3.1.3) was added. Subse-
quently, the reaction mixture was refluxed under nitrogen for further 1 h. The
suspension was slowly cooled down and allowed to stand overnight under an inert
gas (N2). The separation and drying procedures were applied here as previously
described in section 3.1.2 for pyrite nanoparticles.
3.1.5 Preparation of Co-Cat/FeS2 and Co-Cat/α-Fe2O3
Pyrite powder (FeS2 99.8% trace metals basis 325 mesh) and hematite powder
(α-Fe2O3 99.5% 20-40 nm) were procured from Sigma Aldrich and Ionic Liquid
Technologies, respectively. The in situ metal photodeposition, as well as the metal
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impregnation on FeS2 or Fe2O3, were carried out as reported elsewhere [85].
Noble metal loading: Briefly, the in situ photodeposition of noble metals on
the surface of FeS2 or Fe2O3 was performed via a photoreduction reaction from
aqueous solutions containing the desired concentrations of H2PtCl6 · 6 H2O(≥ 37.50
% Pt basis) and HAuCl4 · 3 H2O (≥ 49.00 % Au basis) to obtain 0.5 wt% of the
appropriate metal loading.
Metal oxide loading: Metal oxide co-catalysts were loaded onto FeS2 or Fe2O3 by
an impregnation method employing the corresponding aqueous solutions contain-
ing the desired concentrations of Co(NO3)3 · 6 H2O, Cu(NO3)2 · 3 H2O, IrCl3 · xH2O,
K2Cr2O7, RuCl3 · xH2O and Ni2O3 to obtain 0.5 wt% of the appropriate metal oxide
loading. FeS2 or Fe2O3 was thoroughly mixed with the above mentioned precursor
solutions of the proper concentration followed by a thermal treatment at 534 K for
1h in air to form the desired metal co-catalyst.
3.1.6 Preparation of α-Fe2O3 Electrodes
The preparation of the α-Fe2O3 electrodes (photo-anode) was performed as follows.
First a transparent colloidal suspension of α-Fe2O3 was prepared according to Faust
et al. (section 3.1.1) and dip-coated on Fluorine-doped tin oxide (FTO) glass slides.
The FTO glass was purchased from Sigma Aldrich with a dimension of 300 mm
× 300 mm × 3.2 mm and a surface resistivity ∼ 8 Ω/sq. The FTO glass slides
were cut to 30 mm × 30 mm pieces and cleaned with detergent solution, immersed
in ethanol in an ultrasonic bath for 15 min, rinsed with deionized water and then
dried in air at 353 K. The FTO glass was taped with an adhesive tape that just a
surface area of 20 mm × 20 mm of the conductive site of the FTO was available
for the coating.
The α-Fe2O3 colloidal suspension was coated on FTO at room temperature using
a dip-coater with an immersion speed of 30 cm min−1 and a withdrawal speed of
12 cm min−1. During each dipping the substrate remained in the suspension for
2 s and was subsequently dried for 2 min at room temperature. This dipping and
drying procedure was repeated for twelve cycles to obtain the expected thickness
of the deposited substrate. The resulting films were calcined in an oven at different
temperatures for 1 h.
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3.1.7 Preparation of FeS2 Electrodes
For the preparation of pyrite electrodes (photo-cathode), FeS2 powder (table 3.1)
and natural single crystal were used.
FeS2 Electrodes from natural Pyrite:
The natural crystal came from Navajun Spain and had a cubic form (Figure 3.1).
The crystal was cut into slices with a thickness of approximately 1 mm along the
planes of the cubic lattice with a surface area of 30 mm × 30 mm. The surfaces
were polished and cleaned with deionized water. The surface did not go through
further etching, since there should not be any differences between the photochemical
behavior of an etched and a natural one (according to Jaegermann et al. [32]).
Figure 3.1: Pyrite mineral
FeS2 Eectrodes from Doctor Blade Method:
The pyrite photocathodes were prepared based on the Doctor Blade method. The
pastes for this method were prepared according to a procedure published for the
screen printing of TiO2 [118]. Figure 3.2 shows this procedure using the commer-
cially available FeS2 powder. The FTO glass used as the substrate was cleaned and
prepared as described in section 3.1.6. A layer of paste was coated on the FTO
glass plates by doctor blading. Subsequently the Films were heated at 400 ◦C (or
500 ◦C) in air for 1 h to remove the organic phase.
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Figure 3.2: The procedure steps used for the preparation of FeS2 paste.
3.2 Analytical Methods
3.2.1 X-Ray Diffraction (XRD)
X-ray diffraction (XRD) patterns were acquired at room temperature with Cu Kα
radiation on a Bruker D8 Advance instrument in the 2θ range of 10◦ - 80◦ in
Bragg-Brentano geometry (θ-θ scan). In addition, all of the diffractograms were
analyzed with DIFFRAC Plus Eva software and compared with the ICDD database
(The International Centre for Diffraction Data). Average particle sizes were calcu-






In this equation τ is average of the grain size of the crystals, K is a dimensionless
shape factor, λ is the X-ray wavelength, β is half width (FWHM) and θ is the




The UV-Vis or UV-Vis-NIR (in case of pyrite) absorption spectra of the samples
were recorded using a Varian Cary 100 Scan UV-Vis or an Agilent Cary 5000
spectrophotometer.
The diffuse reflectance measurement was performed by using an Ulbricht sphere.
In this case, barium sulfate was used as a reflectance standard. The reflectance









R∞ : diffuse reflection of the sample, K = 2β: absorption coefficient, S = 2s:
scattering coefficient
The band gaps were determined by the respective Tauc plots of the modified
Kubelka-Munk function (F (R).h.ν)n versus the energy of the exciting light (h.ν)
based on the following equation [22, 119]:
(F (R∞) · hν)n ∝ hν − Eg (3.4)
hν: photon energy, Eg : band gap energy, n: is 1/2 for direct transitions and is 2
for indirect transitions.
3.2.3 Scanning Electron Microscopy (SEM)
Field-emission scanning electron microscopy (FE-SEM) measurements were carried
out on a JEOL JSM-6700F field-emission microscope equipped with a cold field
emission gun electron source. The sample surface was scanned with an electron
beam and the emitted electrons from the sample were collected by a secondary
electron detector (SE). A tungsten single crystal filament with an accelerating volt-
age of 2.0 kV was used as an electron source.
The scanning electron microscope has been used to examine the particle mor-
phologies and shape. Besides this function, SEM was also applied as an analytical
tool for the characterization of samples. Here, especially the energy-dispersive
X-ray spectroscopy (EDXS) is important. By means of the EDXS, the chemical
compositions of some samples were analyzed.
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3.2.4 Transmission Electron Microscopy (TEM)
Transmission electron microscopy (TEM) was performed by a FEI Tecnai G2 F20
TMP instrument (Cs = 2 mm, CC = 2mm), equipped with a 200 kV field emis-
sion gun. Micrographs were taken in bright field (BF) and selected area electron
diffraction (SAED) mode.
3.2.5 Raman Microscopy
For Raman measurements, a confocal Raman microscope (Senterra Bruker Optik
GmbH) has been employed. All spectra were obtained in backscattering geometry
using a microscope device that allows the incident light (633 nm He-Ne laser with
a power of 2 mV) to be focused on the sample as a spot of about 2 µm in diameter.
3.2.6 High Performance Ion Chromatography (HPIC)
High performance ion chromatography (HPIC) was performed with a high perfor-
mance DIONEX ICS-1000 ion chromatography system equipped with a 2 × 250
mm IonPac AS9-HC column, a conductivity detector and an electro regenerator
suppressor. As eluent an alkaline solution was applied (0.008 mol L−1 Na2CO3 and
0.0015 mol L−1 NaHCO3) with its flow rate being 0.3 mL min−1.
3.2.7 Photometric Cuvette Test
The photometric studies were performed on a Dr Lange ISiS 6000 MDA Photome-
ter. All of the cuvette tests were purchased from Hach Lange GmbH (Du¨sseldorf
Germany). The measurements were carried out on diluted samples and have been
calculated to the real concentrations.
The details of the cuvette tests were as follow; (these details were all adapted
from the product information sheets from Hach Lange GmbH, for more information
see [120])
LCK 320 Iron (II/III) Test:
Iron (II) ions form an orange-red complex with 1.10-phenanthroline. The iron (III)
ions are reduced to iron (II) ions. The pH of the sample should be 3 – 9. The color
reaction of the Fe2+/3+ analyses is strongly temperature dependent. Therefore the
working temperature of the samples and cuvettes should be around 20 ◦C. The
concentration limit of this test is 0.2 – 6.0 mg Fe2+/3+/L.
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LCK 653 Sulfide Test:
In this test, dimethyl-p-phenylenediamine reacts with hydrogen sulfide to form an
intermediate compound which turns into leucomethylene blue. The leucomethylene
blue is oxidized to methylene blue by iron(III) ions. The pH of the sample should
be 3 – 10 and the temperature of both samples and reagents should be 15 – 25 ◦C.
The concentration limit of this test is 0.1 – 2.0 mg S2–/L.
LCK 654 Sulfite Test:
The reagent reacts with sulfites to form a yellow complex. The pH of the sample
should be 3 – 10 and the temperature of both samples and reagents should be 15 –
25 ◦C. The samples must be analyzed immediately after they have been taken.The
concentration limit of this test is 0.1 – 5.0 mg SO3
2–/L.
LCK 153 Sulfate Test:
Sulfate ions react with barium chloride in an aqueous solution to form barium
sulfate, which is only sparingly soluble. The resulting turbidity is measured photo-
metrically. The pH of the samples should be 3 – 10 and the temperature of both
samples and reagents should be 15 – 25 ◦C. The concentration limit of this test is
40 – 150 mg SO4
2–/L.
3.2.8 Determination of Iron (II/III) concentration with
1,10-Phenanthroline
UV-visible absorption spectroscopy is a suitable method for determination of the
concentration of any compound which forms a complex that absorbs strongly in the
UV-Vis region of the electromagnetic spectrum. The intensity of this absorption
and its concentration are linearly related according to the Beer’s Law:
A = bc (3.5)
A: absorbance, : molar absorptivity, b: the path length, c: concentration of the
absorbing species
The concentration of Fe (II) ions and the total concentration of iron present in
the solution were determined spectrophotometrically by using 1, 10- phenanthroline.
The total iron concentration in the solution was determined by reducing Fe (III)
ions to Fe (II) ions with hydroxylamine. The absorbance of the samples and the
39
3 Materials, Analytical and Experimental Methods
calibration standards were recorded employing the Varian Cary 100 Scan UV-Vis
system over a range of 200-800 nm using a 1 cm cell. The absorption at 508 nm
is referred to the ferrous complex. This method has a concentration limit of 0.2-
0.4 mg Fe/L, therefore, the samples were diluted before the measurements. The
detail of this determination and the calibration curve are presented in Appendix
(see appendix 1).
3.3 Photoelectrochemical Measurements (PEC)
3.3.1 Photoelectrochemical Reactor
In this thesis, two setups were employed for the photoelectrochemical measure-
ments. However, the photoelectrochemical reactor was the same for all measure-
ments. A ZAHNER PECC-2 reactor (with a dimension of 6×2.5×8 cm) was used
for the PEC measurements (Figure 3.3). The optical window was made of quartz
glass with 1.8 cm diameter. In this reactor, the electrolyte volume was 7.2 mL and
the light path length in the electrolyte was 1.8 cm.
All of the measurements were performed in a three-electrode system with 0.1
M NaOH as the electrolyte. Pt was used as a counter electrode, Ag/AgCl (3 M
NaCl) as a reference electrode and a pyrite- or hematite- electrode as the working
electrode. The potential measured against the Ag/AgCl electrode can be converted
to the RHE (Reversible Hydrogen Electrode) according to eq. (3.6) or to the NHE
(Normal Hydrogen Electrode) according to eq. (3.7):
ERHE = EAg/AgCl + E
0
Ag/AgCl + 0.059× pH (3.6)
ENHE = EAg/AgCl + E
0
Ag/AgCl (3.7)
E0Ag/AgCl is the potential of the Ag/AgCl electrode against the standard hydrogen
electrode (SHE) and its value depends on the concentration of the solution used in
the electrode itself. To present the results with the reference to NHE, the measured
EAg/AgCl values were added to 0.21 V.
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Figure 3.3: Photoelectrochemical reactor a) front-side b) back-side (addapted
from[121])
3.3.2 PEC Measurements on Hematite-Electrodes
I-V-Measurements:
The photoelectrochemical properties of the hematite-anodes were determined by
current–voltage (I–V) curve measurements. These measurements were carried out
with the ZAHNER PECC-2 reactor and the data acquisition was performed with
a potentiostat (Iviumstat from IVIUM Technologies) in potential range between
-1.0 to +1.0 V. Here Pt was used as a counter electrode, Ag/AgCl (3 M NaCl)
as a reference electrode and 0.1 M NaOH as an electrolyte. The I-V curves were
measured in the dark and under illumination. Therefore a 450 W Xenon lamp
(OSRAM XBO 450) with a cut-off filter for λ > 420 nm (for visible light source)
was applied as a light source. Furthermore, a water filter was used to avoid the
infrared rays and the heating of the reactor. The estimated light intensity outside
of the reactor was ∼ 30 mW cm−2.
Impedance Measurements:
The flat-band potentials were determined by impedance spectroscopy by means of
the Mott-Schottky plots. The measurements were carried out in the dark at room
temperature with a Zahner electrochemical workstation (ZAHNER Zenium from
ZAHNER Elektrik GmbH, Figure 3.4). The measurement was performed in 0.1
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Figure 3.4: The Zahner electrochemical setup [121]
M NaOH in a three electrode system; hematite-electrode as the working electrode,
Pt wire as a counter electrode and Ag/AgCl (3 M NaCl) electrode as a reference
electrode. The potential was varied between -1.0 to +1.0 V in the frequency range
of 10 - 10000 Hz with an amplitude of 0.2 mW.
3.3.3 PEC Measurements on Pyrite-Electrodes
All of the PEC measurements of the pyrite electrodes were performed on Zah-
ner electrochemical setup (ZAHNER Zenium from ZAHNER Elektrik GmbH, Fig-
ure 3.4). This setup was equipped with a LED light source for different wavelength.
Thus the IPCE measurements (Incident Photon to Current Efficiency) were also
possible on pyrite electrodes. Beside the IPCE measurements, the I-V-curves and
the flat-band potential of the pyrite electrodes were determined. The details of
the PEC cell have been already described in section 3.3.1. The measured EAg/AgCl
values were converted to E vs. NHE (Normal Hydrogen Electrode) by the software
according to eq. (3.6) and eq. (3.7).
3.4 Photocatalytic Measurements (PC)
The photocatalytic measurements were performed in two different setups. One of
the setups was equipped with a gas chromatograph (GC) and the other one with a
mass spectrometer (MS) as the detection unit.
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3.4.1 PC Measurements with GC Detector
The photocatalytic reactions were carried out in a double jacket quartz glass reactor
(150 mL) with two outlets (Figure 3.5). These outlets have been used for purging
the suspension in the reactor with Argon gas. In a typical test, first the suspension
in the reactor was purged with Ar for 30 min to remove dissolved O2. Afterwards,
these outlets could be sealed with silicon rubber septa and the headspace above
the liquid phase was also purged with Ar until no O2 and N2 were detected by the
gas chromatograph. The photoreactor was connected to a water cooling system
which kept the temperature constant at 20 ◦C. The photoreactor was irradiated
from the outside using an Osram XBO 450 W Xenon lamp in a Mu¨ller LAX 1000
lamp housing. The evolved gases were collected with a locking-type syringe (Valco
Precision Sampling Syringe, Series A-2, 0.5 mL) through one of the silicone rubber
septa. The gas detection was performed with a gas chromatograph (Shimadzu 8A)
equipped a molecular sieve 5 A˚ packed column and a TCD detector. Argon was
used as the carrier gas.
Figure 3.5: Schematic illustration of the reactor used for the photocatalytic reac-
tion, the evolved gases were determined by means of the GC.
3.4.2 PC Measurements with MS Detector
The photocatalytic reactions were carried out in a double jacket quartz glass re-
actor (100 mL) with in- and outlets for the cooling water system which kept the
temperature during the measurements at 20 ◦C. The photoreactor was continu-
ously purged with argon gas and the flow rate of Ar was controlled with a mass
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Figure 3.6: Schematic illustration of the continuous experimental setup of the pho-
tocatalytic reaction, the evolved gases were determined by means of
a mass spectromete (MS), the Ar flow rate during the reaction was
10 cm3 min−1.
flow controller. At the same time, the photoreactor was connected to a quadrupole
mass spectrometer (QMS) for gas analysis (Hiden HPR-20) as schematically shown
in Figure 3.6. In a typical test, first the suspension in the reactor was purged with
Ar for 30 min to remove dissolved O2. Thereafter, the reactor was connected to the
Ar mass flow controller and to the QMS. To remove the air in the headspace of
the reactor, an Ar gas stream with a flow rate of 50 cm3 min−1 has been continu-
ously flown through the reactor before the irradiation, until no traces of molecular
O2 or N2 could be detected by the QMS. Before the irradiation, the Ar flow rate
was switched to 10 cm3 min−1 and this remained constant during the whole reac-
tion. The measurements were started with the data acquisition in the dark until
the background was stable. Subsequently, the photoreactor was irradiated from
the outside using an Osram XBO 1000 W Xenon lamp in a Mu¨ller LAX 1000 lamp
housing with a cut-off filter for λ > 420 nm. The photocatalytic gas production was
monitored continuously in time intervals of about 30 s. After the irradiation time,
the lamp was turned off and the data acquisition continued until the system reached
a stable baseline. For quantitative analysis of H2 and O2, the QMS was calibrated
employing standard diluted H2 (2% in Ar) and O2 (1% in Ar) both purchased from
Linde Gas in Germany.
3.4.3 Photocatalytic O2 Production with Hematite
The O2 was photocatalytically produced employing hematite (Fe2O3) as the pho-
tocatalyst. In a typical test, 1 g L−1 of Fe2O3 or Co-Cat/Fe2O3 was suspended in
50 mL of an aqueous solution containing 0.1 M Fe(NO3)3 (or Fe(NO3)3 · 9 H2O) as
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oxidizing reagents. All of the PC O2 evolution tests were carried on the MS-setup
(section 3.4.2).
3.4.4 Photocatalytic H2 Production with Pyrite
Hydrogen was photocatalytically produced employing pyrite (FeS2) as the photo-
catalyst. In a typical test, 1 g L−1 of FeS2 or Co-Cat/FeS2 was suspended in an
aqueous solution containing 0.1 M Na2S · 9 H2O and 0.02 M Na2SO3 as reducing
reagents. The volume of the aqueous solution depended on the used photocatalytic
setup.
3.4.5 Photocatalytic Water Splitting
The overall water splitting was carried out employing the so-called Z-Scheme sys-
tem. In a typical test, 1 g L−1 of the most active Co-Cat/FeS2 as H2 evolution
photocatalyst and 1 g L−1 of the Co-Cat/ Fe2O3 as O2 evolution photocatalyst were
suspended in 50 mL of an aqueous solution containing a certain amount of I–/IO3
–
(from NaI and NaIO3) as the redox couple. All of the overall water splitting tests
were carried on the MS-setup (section 3.4.2).
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4.1 Characterization of Hematite (α-Fe2O3)
4.1.1 Synthesized Hematite Nanoparticles
Structure and Morphology:
α-Fe2O3 nanoparticles have been synthesized by a solvothermal method as described
in the experimental section (section 3.1.1). The as-synthesized powder was freeze-
dried and calcined at 673 K for the XRD characterization. The XRD diffraction
pattern of this powder is shown in Figure 4.1. The analyses of the XRD diffraction
and its comparison with the ICDD database clearly indicated the entire character-
istic peaks of the hematite crystal structure.
Figure 4.1: XRD pattern of colloidal hematite after freeze-drying and calcination
(at 673 K), the reflection peaks are labeled with their Miller indices
(hkl) and could all be indexed to the hematite phase of Fe2O3.
It is interesting to note that the XRD diffraction patterns of the hematite pow-
der without calcination shows an amorphous structure (the respective diffraction
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pattern (Figure 2) is shown in appendix 2).
The particle size and the structural morphology of the synthesized α-Fe2O3
nanoparticles were further characterized by TEM as shown in Figure 4.2. For these
measurements, a small drop of the the colloidal aqueous α-Fe2O3 suspension was
placed on the TEM grid and dried in air before the measurement. The TEM micro-
graph of the α-Fe2O3 colloids shows that the particles exhibit nanocuboid shapes.
In the images shown in Figure 4.2 , the particles are agglomerated presumably due
to the drying procedure. The particle size distribution of α-Fe2O3 was determined
to be 20-30 nm.
Figure 4.2: a & b)TEM images of colloidal hematite, c) HRTEM image and the
corresponding FFT pattern with the geometrical model of a hematite
nanocrystal.
Optical Characterization:
The optical properties of the freshly prepared colloidal α-Fe2O3 nanoparticles (di-
luted to the appropriated concentration) were determined using UV-Vis absorption
spectroscopy (Figure 4.3a). Furthermore, the α-Fe2O3 colloids were freeze-dried
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and investigated by the UV-Vis diffuse reflectance spectroscopy (Figure 4.3b).
The onset of absorption of the colloidal α-Fe2O3 starts below 560 nm; this indi-
cates that hematite is a visible light active photocatalyst. The band gap energy of
the α-Fe2O3 powders was determined by means of the Tauc plot of the modified
Kubelka-Munk function versus the energy of the exciting light as already described
in section 3.2.2. For this purpose first, the α-Fe2O3 colloids were freeze-dried and
afterwards calcined at different temperatures. The thus calculated band gap ener-
gies are tabulated below (Table 4.1).The obtained values for the bandgap energy
are in excellent agreement with the reported [4, 23] values for hematite, that is 2-
2.2 eV.
Figure 4.3: a) UV-Vis spectra of transparent colloidal α-Fe2O3 nanoparticles, b)
Diffuse reflectance spectra of α-Fe2O3 powders.
Table 4.1: Band gap energies of α-Fe2O3 powder calcined at different temperatures.





4.1.2 Commercial α-Iron (III) Oxide Powder (Fe2O3)
The X-ray diffraction (XRD) of the Fe2O3 obtained from io-Li-tec Germany (Fig-
ure 4.4) indicated that all of the reflection peaks could be indexed to the hematite
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structure (PDF ICDD 01-071-5088). No other peaks from impurities such as
maghemite have been detected.
Figure 4.4: XRD pattern of the commercially used α-Iron (III) oxide (Fe2O3)
purchased from io-Li-tec Germany. The standard powder pattern of
hematite is shown by dashed lines (PDF ICDD 01-071-5088).
Figure 4.5: Tauc-plot (for indirect bad gap transition) calculated from the UV–vis
diffuse reflectance spectrum of commercial Fe2O3.
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The UV-vis diffuse reflectance spectrum of the commercial Fe2O3 has been mea-
sured and the band gap energy of the material has been determined using the Tauc
plot of the modified Kubelka-Munk function (Figure 4.5). The band gap energy of
the material is Eg ∼ 2.1± 0.1 eV.
4.2 Characterization of Pyrite (FeS2)
4.2.1 Synthesized Pyrite Nanoparticles
Structure and Morphology:
FeS2 nanoparticles have been synthesized as described in the experimental section
(section 3.1.2). The reaction time could control the nanoparticle size. The reaction
times have been varied between 2 h, 4 h, and 8 h. The nanoparticles prepared with
a reaction time of 2 h had the smallest particle size and the ones prepared with 8 h
reaction time exhibited the biggest size. The FeS2 nanoparticles obtained after a
reaction time of 4 h have been chosen for further characterization.
Figure 4.6: XRD pattern of FeS2 nanoparticles after 4 h reaction time, the reflection
peaks are labeled with their Miller indices (hkl) and all could be indexed
to the cubic phase of FeS2.
Figure 4.6 presents the XRD diffraction pattern of so prepared FeS2 nanopar-
ticles. The analyses of the XRD diffraction and its comparison with the ICDD
database indicated that all reflection peaks could be indexed to the cubic phase
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of FeS2. No other peaks from impurities such as marcasite, pyrrhotite, or troilite
could be detected.
In addition, the particles size of the FeS2 nanoparticles have been calculated using
the Scherrer equation (eq. (3.2)) and are presented in Table 4.2. The particle size
distribution of the FeS2 nanoparticles is in the range between 20-35 nm.
The particle shape and form have been investigated by means of the SEM. The
SEM images show spherical shaped nanoparticles which are agglomerated (Fig-
ure 4.7).
Table 4.2: The particle size distribution of FeS2 (pyrite) nanoparticles
2 theta [◦] h k l Particle Sizes [nm]
28.4 1 1 1 18
33.0 2 0 0 32
37.0 2 1 0 25
40.7 2 1 1 18
47.3 2 2 0 24
56.2 3 1 1 25
58.9 2 2 2 31
61.6 0 2 3 36
64.1 3 2 1 35
Figure 4.7: SEM images of FeS2 nanoparticles prepared with a reaction time of 4 h.
Optical Characterization:
Figure 4.8 shows the optical absorption spectrum of the thus prepared colloidal
FeS2 nanoparticles at different dilutions. First the absorption has been determined
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by using the UV-Vis spectroscopy. However, the absorption spectra indicate that
the FeS2 nanoparticles absorbed the entire ultra-violet and visible region of the light
spectrum. Precisely investigations have been performed by means of a UV-Vis-NIR
spectroscopy (the inset in Figure 4.8 ). The UV-Vis-NIR spectrum proves that the
absorption starts below 1370 nm; this is in excellent agreement with the reported
band-gap energy [30] for pyrite of 0.9 eV - 1.1 eV.
Figure 4.8: UV-Vis spectra of transparent colloidal FeS2 nanoparticles with differ-
ent concentration, Inset shows the UV-Vis-NIR spectrum of the colloidal
FeS2 nanoparticles at a concentration of 266 μM.
4.2.2 Commercial Iron (II) Disulfide Powder (FeS2)
The X-ray diffraction (XRD) of the FeS2 obtained from Sigma-Aldrich (Figure 4.9)
indicated that all of the reflection peaks could be indexed to the cubic phase of FeS2
(Also called Pyrite) (PDF ICDD 01-071-0053). No other peaks from impurities such
as marcasite, pyrhotite, or troilite have been detected.
The UV-vis diffuse reflectance spectrum of FeS2 has been measured and the band
gap energy of the material has been determined using the Tauc plot of the modified
Kubelka-Munk function (Figure 4.10). The band gap energy of the material is
Eg ∼ 1.1± 0.1 eV.
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Figure 4.9: XRD pattern of the commercial Iron (II) disulfide (FeS2) purchased
from Sigma-Aldrich; The standard powder pattern of pyrite is shown
by dashed lines (PDF ICDD 01-071-0053).
Figure 4.10: Tauc-plot (for indirect bad gap transition) calculated from the UV–vis




4.3 PEC Characterization of Hematite-Electrodes
4.3.1 I-V-Characteristics
α-Fe2O3 electrodes have been prepared from the colloidal suspension (15 mM) of α-
Fe2O3 as described in section 3.1.6. The electrodes were un-doped and just calcined
at different temperatures. Figure 4.11 shows the I-V curves for so prepared α-Fe2O3
electrodes in the dark and under illumination (450 W Xenon lamp with a cut-off
filter λ > 420 nm). In the figure the current densities in the dark and under the
illumination are shown as a function of the applied potential V vs. NHE (Normal
Hydrogen Electrode).
Figure 4.11: I-V curves of the α-Fe2O3 electrodes obtained at different calcination
temperature (400 ◦C, 500 ◦C, 600 ◦C and 700 ◦C) in 0.1 M NaOH (pH
13). Current densities (mA cm−2) in the dark (black lines) and under
illumination (cut-off filter λ > 420 nm, light intensity ∼ 30 mW cm−2,
blue lines) are shown as a function of the applied potential, V vs. NHE.
The two most important parameters that can be determined from a current-
voltage curve are the plateau current and the onset potential. The analyses of
the I-V curves under the dark conditions revealed that the electrocatalytic oxygen
evolution started at the lower potentials for the electrodes obtained at higher calci-
nation temperatures (600 ◦C and 700 ◦C). Moreover, these electrodes exhibit higher
current density. In addition, the photocurrent curves show a better separation from
the dark current for these electrodes.
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The electrode prepared at a calcination temperature of 700 ◦C exhibits the highest
value of the plateau current. The value of the plateau current indicates the amount
of photogenerated holes reaching the semiconductor/liquid junction (SCLJ). Fur-
ther investigations have been performed on the α-Fe2O3 electrodes prepared from
the colloidal suspension with different concentrations (1.5 mM, 3 mM, 10 mM, and
15 mM). Figure 4.12 shows the current-voltage curves of the electrodes prepared
from colloidal α-Fe2O3 suspensions with different concentrations and subsequently
calcined at 700 ◦C.
Figure 4.12: I-V curves of the α-Fe2O3 electrodes prepared from colloidal α-Fe2O3
with different concentration (1.5 mM, 3 mM, 10 mM, and 15 mM),
measured in 0.1 M NaOH (pH 13). Current densities (mA cm−2) in
the dark (black lines) and under illumination (cut-off filter λ > 420 nm,
light intensity ∼ 30 mW cm−2, blue lines) are shown as a function of
the applied potential, V vs. NHE.
4.3.2 Impedance Measurements
Impedance measurements were performed on the hematite electrodes as described in
section 3.3.2. These measurements have been executed at a frequency of 1 kHz. The
flat-band potential can be experimentally determined by impedance spectroscopy
using the Mott-Schottky equation. The flat-band potentials of α-Fe2O3 electrodes
at the semiconductor/electrolyte junction have been measured from Mott-Schottky
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εSC · ε0 · e0 ·ND




C: capacitance of the space charge layer (F), εSC : permittivity of the semiconduc-
tor electrode, ε0: permittivity of free space (8.85× 10−12 F m−1), e0: elementary
charge (C), ND: donor density (m
3), E: applied potential (V vs. RHE), EFB :
flat-band potential (V vs. RHE), k: Boltzmann constant (1.381× 10−23 J K−1), T:
temperature (K).
Figure 4.13: Mott-Schottky plot of an α-Fe2O3-electrode calcined at 400 ◦C, mea-
sured in the dark, in 0.1 M NaOH (pH 13), with a frequency of 1 kHz.
Figure 4.13 shows the plot of the 1/C2 vs. E based on the Mott-Schottky equation
(eq. (4.1)) for a hematite electrode prepared from colloidal α-Fe2O3 and calcined at
400 ◦C. The 1/C2 values have been normalized by the active area of the electrode.
The intersecting point of the red line and the potential axis show the EFB of the
hematite. This point should be considered with accuracy around ± 0.02.
Table 4.3 summarizes the values determined for the flat-band potential of the
hematite electrodes and the tempered FTO glasses. These results have been pre-
sented in E vs. NHE at the measured pH value and converted to RHE using
eq. (3.6). Furthermore, the donor density values of the hematite electrodes were
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determined using the following equation:
ND =
2
εSC · ε0 · e0 ·m
(4.2)
Where m is the slope of the regression line from the eq. (4.1) and εSC of the hematite
was taken 24.1 according to the [122, 123].
The flat-band potential of Fe2O3 is usually found to be around 0.5 V versus the
reversible hydrogen electrode (RHE) [3, 42, 124]. The results in the table are in
good agreement with the reported values in the literature. In addition, the hematite
electrodes showed a positive slope in the dark. This fact indicates that hematite is
a n-type semiconductor with electrons as the majority carriers.
Table 4.3: EFB of α-Fe2O3-electrode and FTO glass, ND of α-Fe2O3-electrode, cal-
cined at 400 ◦C and 600 ◦C, calculated from the respective Mott-Schottky
plots, measured with a frequency of 1 kHz.
Electrodes






α-Fe2O3-400 ◦C -0.2 0.51 1.0× 1019
α-Fe2O3-600 ◦C -0.3 0.41 3.23× 1018
FTO-400 ◦C -0.58 0.13 -
FTO-600 ◦C -0.61 0.10 -
4.4 PEC Characterization of Pyrite-Electrodes
4.4.1 Cyclic Voltammetry (CV)
The electrochemical measurements were performed on FeS2-electrodes prepared
from natural pyrite and FeS2-powder as described in section 3.1.7.
The current-potential behavior of pyrite was investigated in the cyclic voltam-
metry (CV) mode. Figure 4.14 shows the CV of the natural pyrite in the dark and
under the illumination in 0.1 M NaOH. In this figure the current densities in the
dark and under the illumination are shown as a function of the applied potential V
vs. NHE.
The Zahner electrochemical setup is equipped with a LED light source for the
different wavelengths. IPCE (Incident photon to current efficiency) of the pyrite
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Figure 4.14: CV curves of the natural pyrite electrode measured in 0.1 M NaOH
(pH 13). Current densities (mA cm−2) in the dark (black lines) and
under illumination (λ = 455 nm, 18.7 mW cm−2, blue lines) are shown
as a function of the applied potential, V vs. NHE.
electrode has been measured to chose the best wavelength for the photocurrent
measurements (See Figure 3 in appendix 3). Based on the IPCE data, a light
source with the wavelength of 455 nm (light intensity ∼ 18.7 mW cm−2) has been
chosen for the photocurrent measurements. In this figure, the current densities in
the dark and under the illumination are shown as a function of the applied potential
V vs. NHE.
Figure 4.15 presents the CV measurements of the pyrite electrode (prepared from
the FeS2-powder and calcined at 400
◦C). The measurement was carried out under
the same conditions.
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Figure 4.15: CV curves of the pyrite electrode (prepared from the FeS2-powder,
and calcined at 400 ◦C) measured in 0.1 M NaOH (pH 13). Current
densities (mA cm−2) in the dark (black lines) and under illumination
(λ = 455 nm, 18.7 mW cm−2, blue lines) are shown as a function of the
applied potential, V vs. NHE.
4.4.2 Impedance Measurements
The flat-band potential of the pyrite electrode (prepared from the FeS2-powder,
calcined at 400 ◦C and 500 ◦C) has been determined by means of the impedance
spectroscopy. Figure 4.16 shows the plot of the 1/C2 vs. E based on the Mott-
Schottky equation (eq. (4.1)), for a pyrite electrode prepared from FeS2-powder
and calcined at 400 ◦C. The intersecting point of the red line and the potential
axis indicates the EFB of the pyrite. This point should be considered with accuracy
around ± 0.02.
Table 4.4 summarized the so calculated flat-band potentials of the pyrite elec-
trodes and the tempered FTO glass. These results have been presented in E vs.
NHE at the measured pH value and converted to RHE according to the eq. (3.6).
Furthermore, the donor density (ND) values of the pyrite electrodes were deter-
mined using eq. (4.2) (where εFeS2 = 10.9 [33, 125]).
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Figure 4.16: Mott-Schottky plot of FeS2-electrode calcined at 400
◦C, measured in
the dark, in 0.1 M NaOH (pH 13), with frequencies of 500 Hz and
100 Hz.
Table 4.4: EFB of FeS2-electrode and FTO glass, ND of FeS2-electrode, calcined at
400 ◦C and 500 ◦C, calculated from the respective Mott-Schottky plots,











◦C 500 -0.18 0.53 3.10× 1020
FeS2-500
◦C 500 -0.16 0.55 1.35× 1019
FeS2-400
◦C 100 -0.17 0.54 5.05× 1020
FeS2-500
◦C 100 -0.18 0.53 1.05× 1019
FTO-400 ◦C 500 -0.52 0.19 -
FTO-500 ◦C 500 -0.6 0.11 -
FTO-400 ◦C 100 -0.52 0.19 -
FTO-500 ◦C 100 -0.59 0.12 -
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4.5 Photocatalytic (PC) Tests
In this work the photocatalytic activity results are presented in the form of the
calculated hydrogen or oxygen production rate (µmol h−1) and as photonic efficiency
(ζ %).





ζ: photonic efficiency, ∆n/∆t: evolution rate of H2 or O2 in mol s
−1 , J0: incident
photon flux (mol s−1).
The incident photon flux (J0) is calculated based on the following equation:
J0 =
Ia · λ ·A
NA · h · c (4.4)
Where A is the illuminated surface area (7.065 cm2), λ is the average illumination
wavelength (from the wavelength range where the photocatalyst absorbs the light,
for FeS2 is 942 nm, for Fe2O3 is 597 nm), NA is Avogadro number (mol
−1), h is
Planck constant (J s) and c is the light velocity (m s−1). Ia (J s−1 cm−2) is deter-
mined from the integration of the irradiance of the lamp in the wavelength area
between 420-800 nm (in case of FeS2) or between 420-660 nm (in case of Fe2O3).
For this purpose, the irradiance of the Xe arc lamp used for the photocatalytic tests
was measured by a radiometer (BW Tek Company).
All of the photonic efficiencies of the photocatalytic reactions carried out with
the MS measurement setup (section 3.4.2, which a mass spectrometer employed as
the detector) have been calculated in this way.
4.5.1 O2 Production with Hematite
Photocatalytic oxygen evolution tests have been performed on: synthesized α-
Fe2O3-nanoparticles (more information in section 3.1.1), commercial α-Fe2O3 pow-
der (more information in section 3.1), and on Co-Cat/Fe2O3-powders (more in-
formation in section 3.1.5). The results obtained employing the last two types of
Fe2O3 will follow in the next section.
In all of these experiments 0.1 M aq.Fe(NO3)3 (pH ∼ 1.5-2) has been used as ox-
idizing reagent. There was no O2 evolution in pure water. All of the photocatalytic
O2 production investigations have been performed by means of the MS measure-
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ment set-up (with the mass spectroscopy as the detection unit, more information
in section 3.4.2).
Figure 4.17: Photocatalytic O2 evolution employing synthesized α-Fe2O3 nanopar-
ticles suspended in 0.1 M aq.Fe(NO3)3 (pH 1.5-2) under visible light
irradiation; light source: 1000 W xenon lamp with a cut-off filter λ >
420 nm (I420−660 ∼ 66 mW cm−2). Inset shows the O2 evolution rate
during the first hour of the irradiation.
Figure 4.17 illustrates a typical time courses of the photocatalytic O2 produc-
tion (the experimental details are described in section 3.4.3). Here 1 g L−1 of the
synthesized α-Fe2O3-nanoparticles was suspended in 50 mL of an aqueous solution
containing 0.1 M Fe(NO3)3. In all experiments first, the time course of the O2
formation (and of that of other possible gaseous compounds) was monitored in the
dark until the signals became constant within the limits of the experimental er-
ror (that is after 90-120 min). Here (Figure 4.17) the irradiation has been started
after approximately 2 h. Subsequently, the O2 evolution started after 20-30 min
irradiation, the value rose fast but after 60 min irradiation the evolution rate de-
creased and the system reached nearly a constant O2 evolution rate. When the
Light was switched off after 12 h irradiation, a rapid decay of the O2 evolution rate
was observed and the baseline was then reached again.
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The O2 evolution rate has been determined from the difference between the av-
erage value of the evolution rate obtained upon the illumination and that observed
in the dark (that is the baseline value at the end of the experiment). Usually, the
data points measured at the end of each photocatalytic run have been considered
as the baseline of the formation of the corresponding gaseous compound. With this
calculation, the average value of the O2 evolution rate obtained was 0.13 µmol h
−1
(ζ = 1.56× 10−3 %) for the synthesized α-Fe2O3-nanoparticles. It should be noted
that in this way all of the O2 evolution rate data have been obtained, thus enabling
the quantitative comparsion of all measured O2 evolution rates in this work.
4.5.2 O2 Production with RuO2 loaded α-Fe2O3
The α-Fe2O3 powder has been modified with RuO2 to improve its activity as an
oxygen evolution photocatalyst. For this purpose, hematite (20-40 nm α-Fe2O3
powder from Ionic Liquid Technologies Germany) has been modified by means of the
impregnation method (see section 3.1.5) with a solution of RuCl3 · xH2O. RuO2 has
already been used as oxygen evolution co-catalyst in various photoelectrochemical
investigations [127, 128].
A set of experiments has been performed employing ruthenium loaded α-Fe2O3.
Figure 4.18 illustrates the O2 evolution rates (µmol h
−1) and the corresponding
photonic efficiencies for α-Fe2O3 and its modification, respectively, for 0.1, 0.5, and
1 weight % of RuO2 loaded α-Fe2O3. In all of these experiments 0.1 M aqueous
Fe(NO3)3 (pH ∼ 1.5-2) has been used as oxidizing reagent.
The results in this section show that the RuO2-loaded α-Fe2O3 is photocatalyti-
cally more active than the unmodified one. 0.5 % RuO2 loaded α-Fe2O3 shows the
highest activity. This was the reason why 0.5 weight % loading was chosen also for
the modifications with the other co-catalysts (see next section).
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Figure 4.18: Photocatalytic O2 evolution from 0.1 M aqueous Fe(NO3)3 solution
(pH ∼ 1.5-2) employing α-Fe2O3 modified with different weight % of
RuO2 as the co-catalysts under visible light irradiation; light source:
1000 W xenon lamp with a cut-off filter λ > 420 nm (I420−660 ∼
66 mW cm−2).
4.5.3 O2 Production with Co-catalyst loaded α-Fe2O3
The photocatalytic activity of the water splitting reaction can usually be improved
by the utilization of different co-catalysts loaded onto the catalyst surface. These
co-catalysts provide active sites for the redox reaction (that is for the oxidation
or for the reduction reaction, respectively) and /or suppress the reverse reaction of
water formation. Both noble metals (e.g., Pt, Au) and transition metal oxides (e.g.,
NiO, RuO2) have been widely used as co-catalysts in photocatalytic water splitting
systems showing significant enhancement of the photocatalytic activity for H2 and
O2 evolution [129].
Since in this work it was very important to have an active O2 evolution catalyst for
the oxidation of water, a series of co-catalyst loaded α-Fe2O3 have been prepared.
For this purpose commercial α-Fe2O3 (from Ionic Liquid Technologies Germany)
has been used and has been modified with both, noble metal and transition metal
oxide catalysts. Platinum (Pt), Gold (Au), Cobalt (Co), Copper (Cu), Iridium (Ir),
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Chromium (Cr), Ruthenium (Ru), and Nickel (Ni) were loaded as pure metals or
as metal oxides on these commercially available α-Fe2O3-powders and were used for
the production of oxygen employing Fe3+ as electron acceptor (sacrificial agent).
Metal deposition on α-Fe2O3 was carried out by photodeposition and metal im-
pregnation methods as described in section 3.1.5. The photocatalytic oxidation
of water under visible light should produce O2 and Fe
2+ ions. Mass spectroscopy
(MS) was used to analyze on-line the production of oxygen gas (see Figure 3.6).
The photocatalytic oxygen production rates and the photonic efficiencies (ζ) for
all Co-Cat/Fe2O3 systems are given in table 4.5. In this table, the results are
presented in the form of the calculated oxygen production rate (µmol h−1) and as
photonic efficiency (ζ %). RuO2/Fe2O3 showed the highest photocatalytic activity
for O2 evolution in this studies with an O2 formation rate of 0.15 µmol h
−1 (ζ =
1.83× 10−3 %) while IrO2/Fe2O3 exhibits a very low rate of 0.01 µmol h−1 (ζ =
1.31× 10−4 %). In the case of Cr2O3/Fe2O3, almost no O2 could be detected.
Table 4.5: Photocatalytic O2 production rates and photonic efficiencies (ζ) employ-
ing α-Fe2O3 modified with different co-catalysts (0.5 wt%) under visible
light irradiation (light source: 1000 W xenon lamp with a cut-off filter
λ > 420 nm, I420−660 ∼ 66 mW cm−2). 0.1 M aq.Fe(NO3)3 (pH 1.5-2)
has been used as oxidizing reagents.











4.5.4 H2 Production with Pyrite
Photocatalytic hydrogen evolution tests have been performed on: synthesized FeS2
nanoparticles (discribed in section 3.1.2), commercial FeS2 powder (more infor-
mation in section section 3.1), and Co-Cat/FeS2 powders (more information in
section 3.1.5). The results obtained employing the last two types of FeS2 will follow
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Figure 4.19: Photocatalytic H2 evolution rate from a) synthesized FeS2 nanopar-
ticles, b) synthesized FeS2 nanoparticles modified with 0.2 wt% Pt,
suspended in aq. 0.1 M Na2S and 0.02 M Na2SO3 (pH 13.5-14) un-
der visible light irradiation; light source: 1000 W xenon lamp with a
cut-off filter λ > 420 nm (I420−800 ∼ 110 mW cm−2).
in the next section. In all of the experiments 0.1 M Na2S and 0.02 M Na2SO3 have
been used as reducing reagents. There was no H2 evolution in pure water, that is
in the absence of any sacrificial reagents.
Figure 4.19 presents typical time courses of the photocatalytic H2 production
employing a) synthesized FeS2 nanoparticles and b) FeS2 nanoparticles modified
with 0.2 wt% Pt. In these experiments, 1g/L of the FeS2-photocatalyst (synthesized
FeS2 nanoparticles or FeS2 nanoparticles modified with 0.2 wt% Pt) were suspended
in 50 mL of an aqueous solution containing 0.1 M Na2S and 0.02 M Na2SO3 with pH
∼ 13-14 (the experimental details are described in section 3.4.4). These experiments
have been performed using the MS measurement set-up.
Before the illumination, the time course of the H2 (and other possible gaseous
compounds) formation was monitored in the dark until the signal becomes constant
(120-150 min). Afterwards, the light is switched on and the H2 evolution was found
to start after 20-30 min irradiation. The H2 evolution rate became nearly constant
after 40 min illumination (Figure 4.19). The light has been switched off after 9 h
irradiation, whereby a rapid decay of the H2 evolution rate was observed and the
baseline was rapidly reached again. The H2 evolution rate was determined from the
difference between the average of the values obtained in the part with so far constant
H2 evolution rate and the baseline value (at the end of the measurement). In all
of the measurements, the data points measured at the end of each photocatalytic
reaction have been considered as the baseline. This is due to the fact that in some
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cases (Figure 4.19a) the data points measured at the end of each photocatalytic
reaction are found to be slightly higher than those at the very beginning monitored
before the illumination.
All obtained H2 evolution rates in this work have been calculated in this way.
The H2 evolution rate is found to be 5.53 µmol h
−1 (ζ = 2.51× 10−2 %) in case of
the synthesized FeS2 nanoparticles and 9.56 µmol h
−1 (ζ = 4.34× 10−2 %) for the
Pt modified (0.2 wt%) nanoparticles.
4.5.5 H2 Production with Pt loaded FeS2-Nanoparticles
As shown in Figure 4.19 the modified FeS2 nanoparticles show higher activity as
compared to the unmodified ones. The effect of using Pt modification is already
known in case of TiO2 used as photocatalyst [129–131]. In this part of the work,
the photocatalytic activity of the FeS2 nanoparticles loaded with different weight
% of Pt has been investigated. For this purpose, Pt-loaded FeS2 nanoparticles have
been prepared (detail in section 3.1.4).
The effect of the Pt loading on the photocatalytic H2 evolution test has been
studied using the GC measurement setup equipped with the gas chromatograph
as the detection unit (GC-setup section 3.4.1). A set of experiments has been
performed in a quartz glass photoreactor. The photoreactor was irradiated from
the outside using an Osram XBO 450 W Xenon lamp without any filter (light
intensity ∼ 26 mW cm−2). The photocatalytic H2 evolution has been measured
employing sulfide and sulfite as sacrificial electron donors. In a typical test, 1 g L−1
of the Pt-loaded FeS2 was suspended in 60 ml of an aqueous solution containing
0.1 M Na2S · 9 H2O and 0.02 M Na2SO3 (pH ∼ 13-14) as sacrificial reagents. The
evolved H2 gas was collected using a locking-type syringe and analyzed with the
gas chromatograph.
Colloidal Pt nanoparticles have been used to prepare 0.01-, 0.1-,0.2-, 0.3-, 0.4-,
0.5- and 1 weight % of Pt loaded FeS2-nanoparticles. The amount of evolved H2 in-
creased almost linearly as the function of the irradiation time (inset of Figure 4.20).
However, in all of the test runs, the first trace of the H2 evolution could only be
detected after 90 min irradiation.
Figure 4.20 illustrates the comparison of the H2 evolution rates of Pt loaded FeS2-
nanoparticles and their difference to the unmodified FeS2-nanoparticles (black line).
The results in Figure 4.20 show that the Pt-loaded FeS2-nanoparticles are pho-
tocatalytically more active than unmodified one. The 0.5 % Pt modification shows
the highest activity. This was the reason that the 0.5 weight % of the loading
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Figure 4.20: Photocatalytic H2 evolution rates of the synthesized FeS2 nanoparticles
modified with colloidal Pt nanoparticles in different wt % in aqueous
solution of 0.1 M Na2S and 0.02 M Na2SO3 (pH 13.5-14), light source:
450 W xenon lamp (I ∼ 26 mW cm−2), Inset: H2 evolution as the
function of the illumination time in example of 0.1% Pt-loaded FeS2.
material was chosen for the following co-catalyst modifications.
Generally, the results from these experiments (with GC-setup section 3.4.1) show
lower activity as the results from MS-setup (section 3.4.2). It should be considered
that the used Xenon lamp in this set-up was different from the one in the MS setup.
Hence, the irradiance of the lamp was just around 26 mW cm−2(in case of the MS
setup was around 110 mW cm−2).
4.5.6 H2 Production with Co-catalyst loaded FeS2
Since in this work it was very important to have an active H2 evolution catalyst
for the reduction of water, a series of co-catalyst loaded FeS2 powders has been
prepared. For this purpose commercial FeS2-powders (from Sigma Aldrich) have
been used and were modified with both noble metal and transition metal oxide
catalysts. Platinum (Pt), Gold (Au), Cobalt (Co), Copper (Cu), Iridium (Ir),
Chromium (Cr), Ruthenium (Ru), and Nickel (Ni) were loaded as pure metal or as
metal oxide on these FeS2-powders as co-catalysts and were used for the production
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of hydrogen employing sulfide and sulfite as sacrificial electron donors.
Noble metal loading on the surface of FeS2 was carried out by photodeposition,
while the metal oxides were loaded onto FeS2 by an impregnation method (see
section 3.1.5). In a typical test, 0.05 g of Co- Cat/FeS2 was suspended in 50 ml of
an aqueous solution containing 0.1 M Na2S · 9 H2O and 0.02 M Na2SO3 as sacrificial
reagents. The reactor was irradiated from the outside for four hours with an Osram
XBO 1000 W Xenon lamp in Mu¨ller LAX 100 lamp housing (with a cutoff filter for
λ > 420 nm, I420−800 ∼ 110 mW cm−2). Hidden HPR20 mass spectroscopy (MS)
was used to analyze on-line production of hydrogen gas (see fig. 3.6).
The photocatalytic H2 production rate and the photonic efficiencies (ζ) for Co-
Cat/FeS2 are given in table 4.6. In this table the results are presented in the form
of the calculated hydrogen production rates (µmol h−1) and as photonic efficiencies
(ζ). NiO/FeS2 showed the highest photocatalytic activity for H2 evolution with a
formation rate of 14.65 µmol h−1 (ζ = 6.66× 10−2 %) and RuO2/FeS2 exhibits a
very low rate of 5.19 µmol h−1 (ζ = 2.36× 10−2 %).
Table 4.6: Photocatalytic H2 production rate and photonic efficiency (ζ) employ-
ing FeS2 modified with different co-catalysts (0.5 wt%) under visible
light irradiation, light source: 1000 W xenon lamp with a cut-off filter
λ > 420 nm (I420−800 ∼ 110 mW cm−2, 0.1 M Na2S · 9 H2O and 0.02 M
Na2SO3 have been used as reducing reagents.













4.6 Photocatalytic Water Splitting
4.6.1 Titanium Dioxide
For a better comparsion with the results obtained with α-Fe2O3 and FeS2 the pho-
tocatalytic overall water splitting has also been investigated employing TiO2 as the
semiconductor. The band gap of rutile TiO2 is ca. 3.0 eV and of anatase TiO2
is ca. 3.2 eV [132] and the position of the potentials of the conduction and va-
lence band are suitable for the evolution of H2 and O2. TiO2 Aeroxide P25 has
been modified with Pt and applied for the overall water splitting experiments. The
Pt-loaded TiO2 photocatalyst (Pt/TiO2) has been prepared by the impregnation
method using an aqueous H2PtCl6 solution and dried at 373 K for 24 hours.
Figure 4.21: Photocatalytic overall water splitting employing Pt-loaded TiO2 (0.5
wt % Pt) suspended in 50 mL pure water, photocatalyst concentra-
tion: 1 g L−1, light source: 1000 W xenon lamp with an intensity of
40 mW cm−2.
Figure 4.21 shows the evolution rates of H2 and O2 employing Pt/TiO2 (0.5 wt
% Pt) in pure water. The time course of the H2 evolution was different from the
H2 production curves obtained in the presence of the sacrificial reagents. In this
case, it took more than 4 h irradiation until the H2 evolution rate became nearly
constant. Because of this difference, the H2 evolution rate could be determined
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either from the difference between the average of the values obtained in the part
with so far constant H2 evolution rate and the baseline value (at the end of the
experiment), or from the average value of the data points of the illumination data
and the baseline value (at the end of the experiment). For the first case, the H2
evolution rate was determined to be 8.33 µmol h−1 and for the second case 5.18
µmol h−1.
The O2 evolution rate was determined to be 0.14 µmol h
−1. This value does not
confirm the stoichiometric ratio of H2- and O2- evolution during the photocatalytic
overall water splitting. In general, for a stoichiometric overall water splitting the
H2 amount should be twice as high as the O2 amount. Nevertheless, this result
indicates that Pt/TiO2 is able to split pure water into H2 and O2.
4.6.2 Z-Scheme System
As already described in section 4.6.1 some experiments considering the overall wa-
ter splitting have been performed employing Pt loaded-TiO2 as the photocatalyst.
TiO2 mostly absorbs the UV part of the solar spectrum which makes it difficult to
harvest the sunlight effectively. Therefore the Z-scheme water splitting is a good
strategy, since a wider range of visible light can be used. This approach is based on
the fact that usually semiconductors either exhibit water oxidation or water reduc-
tion properties. In this work, modified-FeS2 has been used for the water reduction
and modified-α-Fe2O3 for the water oxidation.
The Z-scheme water splitting experiment has been performed employing the most
active Co-Cat/-FeS2 and the most active Co-Cat/Fe2O3 under visible light irradi-
ation (Figure 4.22). In this case, NiO/FeS2 was used for the H2 evolution and
RuO2/Fe2O3 for the O2 evolution. Subsequently, 0.011 µmol h
−1 H2 and 0.022
µmol h−1 O2 were produced. In this case the electron transfer between the differ-
ent photocatalyst particles can only provided through direct contact enabling the
interparticle electron transfer.
Furthermore, the iodate/iodide (IO3
–/I– ) system has been used as shuttle redox
mediator to provide better electron transfer in the system. The photocatalytic
oxidation of water to O2 and the reduction of IO3
– to I– proceeded over the Co-
Cat/Fe2O3 photocatalysts, while on the other hand, the photocatalytic reduction
of water to H2 and the oxidation of I
– to IO3
– proceeded over the Co-Cat/FeS2
photocatalysts (Figure 4.23 shows one of the examples).
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Figure 4.22: Photocatalytic overall water splitting under visible light irradiation; as
photocatalysts a mixture of NiO/FeS2 and RuO2/Fe2O3 was employed
and suspended in 50 mL pure water, each photocatalyst concentration:
1 g L−1, light source: 1000 W xenon lamp with a cut-off filter λ >
420 nm (I420−660 ∼ 66 mW cm−2)
Table 4.7: Photocatalytic H2 and O2 production rates employing FeS2 and Fe2O3
modified with different co-catalysts (0.5 wt%) under visible light irradia-
tion, IO3
–/I– has been used as shuttle redox mediator wherever stated.
Photocatalysts Aq. Solution H2 [µmol h
−1] O2 [µmol h−1]
NiO/FeS2-RuO2/Fe2O3 - 0.011 0.022

















4.7 Analysis of the Reaction Mixture
Figure 4.23: Photocatalytic overall water splitting in the presence of IO3
–/I– as
shuttle redox mediator under visible light irradiation; as photocatalysts
a mixture of NiO–Pt/FeS2 and RuO2 –Pt/Fe2O3 was employed and
suspended in 0.1 M I–/2.5 mM IO3
– (pH ∼ 7), each photocatalyst
concentration: 1 g L−1, light source: 1000 W xenon lamp with a cut-
off filter λ > 420 nm (I420−660 ∼ 66 mW cm−2)
Table 4.7 presents the H2 and O2 evolution rates for the Z-scheme water splitting
systems. The first line shows the results obtained in pure water. The following lines
present the results obtained in the presence of IO3
–/I– as shuttle redox mediator.
The concentration of IO3
–/I– shuttle redox mediator has been varied to find the
best combination with the highest activity.
4.7 Analysis of the Reaction Mixture
4.7.1 Photocatalytic O2 production in presence of Fe
3+/Fe2+
Oxygen production has been studied in the presence of 0.1 M aqueous Fe(NO3)3.
-9 H2O. In this case, the Fe
3+ ion acts as sacrificial oxidizing agent (electron accep-
tor) and the valence band holes oxidize water to produce O2. The concentration
changes of Fe3+ and Fe2+ in solution were determined from UV-Vis absorption spec-
tra as described in section 3.2.8. For this purpose, the comparison of the solution
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Figure 4.24: The concentrations of Fe2+ and Fe3+ before and after the photocat-
alytic reaction. The photocatalytic reaction of 1 g L−1 α-Fe2O3 sus-
pended in 0.1 M Fe(NO3)3 · 9 H2O and irradiated for 12 h by a xenon
lamp.
before the irradiation and after the photocatalytic reaction has been studied.
Figure 4.24 presents the concentration changes of Fe3+ and Fe2+ before and after
a photocatalytic oxygen evolution test. In this case, 1 g L−1 α-Fe2O3 have been
suspended in an aqueous solution of 0.1 M Fe(NO3)3 · 9 H2O (pH ∼ 1.5-2). Sub-
sequently, the suspension was moved to the photoreactor and stirred for 30 min.
Furthermore, the suspension was purged with Ar for 60 min and then a sample of
the suspension has been taken to determine the concentrations of Fe3+ and Fe2+
before the irradiation. Afterwards, the photoreactor was connected to the mass
spectroscopy and illuminated for 12 h. During this time the O2 evolution rate was
0.08 µmol h−1 O2, which corresponds to 19.22 µmol L−1 O2 formed during the entire
illumination time from this suspension. The second sample was taken after the irra-
diation to determine the concentrations of Fe3+ and Fe2+ after the irradiation. The
amount of detected Fe3+ ion is reliable since the initial concentration of iron nitrate
was 0.1 M. The experimental error was within 25 % through all the experiments
between the values calculated from the amount of oxygen evolution and from the
absorption spectra to calculate the concentration of Fe2+/Fe3+ .
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The fact that Fe2+ ion was already detected before the irradiation could be
explained as follow; some of the already existing Fe3+ ions in the solution reduced
and produced Fe2+ ions [133]. The second source of Fe2+ ion could be hematite.
It is known that Fe2O3 in aqueous media exist as FeOOH and this could in acidic
media react as follow and produce Fe2+ ions[134]:
FeOOH + e− + 3 H+ −−→ Fe2+ + 2 H2O (4.5)
as mentioned the pH of the reaction media was 1.5-2.
Altogether in this reaction 0.013 M of Fe3+ was consumed and 0.006 M produced.
Accordingly, the concentration ratio between consumed Fe3+ and produced Fe2+ is
estimated to be 2 : 1. Obviously, the amount of produced O2 in these experiments
is very lower than the produced Fe2+ ions.
4.7.2 Photocatalytic H2 production in presence of S
2 – /SO3
2 –
FeS2 is not stable in aqueous solutions under irradiation and undergoes anodic dis-
solution (see reaction 2.5) [135, 136]. In the present work, S2– and SO3
2– have been
used as sacrificial reagents. These species prevent FeS2 from the photocorrosion act-
ing as hole scavengers, and also promote hydrogen evolution through making up
half of the water splitting reaction.
However, it is important to see how the concentration of these ions changes during
the reactions. For this purpose, the solution has been studied before the irradiation
and after the photocatalytic reaction. These investigations have been performed by
means of High Performance Ionic Chromatography (HPIC) and the Photometric
Cuvette Test.
As already described (section 3.4.4) in a typical photocatalytic test 0.1 M Na2S.
-9 H2O and 0.02 M Na2SO3 (with pH ∼ 13-14) were used as sacrificial reagents. In
this part of work, 1 g L−1 FeS2 has been suspended in an aqueous solution which
contained the same concentration of Na2S and Na2SO3. The suspension was moved
to the photoreactor and first stirred for 30 min; subsequently purged with Ar for 30
min. At this point, a sample of the suspension has been taken for the determination
of the concentrations before the irradiation (C0). Finally, the photoreactor was
connected to the mass spectroscopy and irradiated for 4.5 h. During this time the
H2 evolution rate was 7.7 µmol h
−1 H2, which corresponds to a formation of 0.7 mM
H2 from this suspension. The second sample was taken after the irradiation for the
determination of the concentrations of S2– , SO3
2– , SO4





The S2– concentrations have been determined via cuvette test since the IonPac
AS9-HC column of the HPIC is not able to detect this anion. The concentrations
of SO3
2– have been detected via HPIC and SO4
2– and S2O3
2– could be detected as
the products. Figure 4.25 presents these results in form of the concentration of the
anions before and after the irradiation. Figure 4.25 depicts that S2– concentration
Figure 4.25: The concentrations of S2– , SO3
2– , SO4
2– , and S2O3
2– before and after
the photocatalytic reaction. The photocatalytic reaction of 1 g L−1
FeS2 suspended in 0.1 M Na2S · 9 H2O and 0.02 M Na2SO3 (pH ∼
13-14) and irradiated for 4.5 h by a xenon lamp.
decreased from 0.095 M to 0.091 M, the SO3
2– decreased from 0.018 M to 0.004
M while 0.003 M SO4
2– and 0.001 M S2O3
2– have been produced. The amounts
of produced products is smaller than the amount of consumed sacrificial reagents.
The concentrations of the products are five times higher than the concentration of
the produced H2.
To clarify the role of the sacrificial reagents and the product of this reaction fur-
ther experiments have been conducted. Two diluted suspensions, the first one with
0.01 M Na2S (pH ∼ 6.5-7.5) and the second one with 0.01 M Na2SO3 (pH ∼ 8-9)
have been prepared. In both experiments 1 g L−1 pyrite was used as the photocat-
alyst and the photocatalytic reaction was carried out for 48 h under illumination
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with a xenon lamp.
In both experiments SO4
2– could already be detected before the illumination
even started (SO4
2– should be one of the main products of the photocatalytic
reaction). The explanation of this behavior is the chemistry of pyrite in water[30,
37]. According to the following reaction FeS2 in water produce Fe
3+ and SO4
2– :
FeS2 + 8 H2O −−→ Fe3+ + 2 SO42− + 16 H+ + 15 e− (4.6)
Hence the source of SO4
2– before the irradiation is pyrite itself. The following
results from these two experiments have been achieved:
Suspensions with 0.01 M Na2S: The concentration changes of S
2– and SO4
2–
have been determined via photometric cuvette test. During this reaction, the con-
centration of S2– is found to decrease and the concentration of SO4
2– increased
(table 4.8). Here the S2– concentration before the illumination shows a smaller
value than expected. This could be explained by the fact that some of the S2–
anions adsorbed at the surface of FeS2. In most experiments, the dark adsorption
of acceptors or donors at the surface of the photocatalyst have been reported [30,
137]. All in all 2.6 mM H2 has been produced.
Table 4.8: The concentrations of S2– and SO4
2– before and after the photocatalytic
reaction. The photocatalytic reaction of 1 g L−1 FeS2 suspended in 0.01
M Na2S · 9 H2O and irradiated for 48 h by a xenon lamp.




Suspensions with 0.01 M Na2SO3: The concentration changes of SO3
2– and
SO4
2– have been determined via photometric cuvette tests. In this experiment, the
concentration of SO3
2– has been decreased during the photocatalytic reaction and
the concentration of SO4
2– has been increased.
Based on all the facts concerning the chemistry of pyrite in water and these results
which are reported here stoichiometric analyses of the H2 production reaction is not
possible. Nevertheless, these results indicate which products have been produced




In this chapter, the results of the experimental part will be discussed and will be
interpreted in detail.
In the first section, the materials of the present study and their characteristic
properties will be discussed. In the following sections, the photoelectrochemical
properties of hematite- and pyrite- electrodes will be discussed. The photocatalytic
results will be discussed in two separat sections. First, the photocatalytic oxygen or
hydrogen production in the presence of suitable sacrificial reagents will be discussed.
Here the role and the optimum loading percent of the co-catalysts will be discussed,
follow by the discussion of the role of used sacrificial reagents for particular O2 or
H2 evolution reactions. The last section deals with photocatalytic overall water




The synthesized Fe2O3 nanoparticles exhibit hematite crystal structure with a par-
ticle size distribution between 20-30 nm (see section 4.1.1). The optical characteri-
zation of these hematite nanoparticles indicates that they absorb the visible region
of the light spectrum. The calculated bandgap energy was between 1.9 and 2.1 eV
corresponding to an onset wavelenght of λ ∼ 650 to 590 nm.
The commercially used Fe2O3 was obtained from io-Li-tec Germany and also
declared the hematite crystal structure (see section 4.1.2). The particle size distri-
bution of this powder was between 20 - 40 nm. The bandgap energy of commercially
used α-Fe2O3 was around 2.1 eV for the indirect transition. All of the bandgap en-
ergy values are in good agreement with the literature, that is 2 - 2.2 eV[4].
According to the majority of reports, hematite has an indirect band gap transition
and the direct transition is forbidden [4, 19–22]. Figure 5.1 presents a comparison
between the Tauc-plots of the modified Kubelka-Munk function of both the direct
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Figure 5.1: Diffuse reflectance spectra of commercial Fe2O3 powder, the comparison
between the Tauc-plots of the modified Kubelka-Munk function versus
the photon energy for indirect allowed transition (black graph) and the
forbidden direct transition (blue graph).
and indirect transition states of the hematite. Misho and Murad investigated the
absorption and transmission spectra of Fe2O3, FeS2, and FeS [22]. According to
their work, the forbidden direct transition for Fe2O3 is between 1.63 - 1.86 eV. The
value for the direct transition in Figure 5.1 is ∼ 1.8 eV.
The XRD pattern of both synthesized and commercially used Fe2O3 show no
other impurities such as goethite (FeOOH), magnetite (Fe3O4) or maghemite (γ-
Fe2O3) in the crystal structure. All of the reflection peaks belong to the alpha
phase of the Fe2O3. Because the main diffraction peaks of the gamma phase are at
the positions of 2θ = 30.2, 35.6, 43.2, 57.3, and 62.9◦ (PDF 039-1346).
5.1.2 Pyrite (FeS2)
The synthesized FeS2 nanoparticles exhibit pyrite crystal structure with a particle
size distribution between 20 to 35 nm (see section 4.2.1). The UV-Vis and UV-
Vis-NIR absorption spectra of pyrite nanoparticles (self-prepared) show a broad
absorption of the light spectrum (Figure 4.8). This could expected for a gray in
color materials like pyrite, which absorb a broad range of the light spectrum. The
calculated bandgap energy was around 0.9 eV, which corresponds to λ = 1370 nm.
The commercially used FeS2 obtained from Sigma-Aldrich also indicated pyrite
crystal structure (see section 4.2.2). The bandgap energy of commercially used
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pyrite was calculated to be around 1.1 eV corresponding to λ = 1127 nm (see Fig-
ure 4.10). The bandgap energy values of both synthesized and commercially used
FeS2 are in good agreement with the literature, that is 0.9± 0.2 eV [16, 30, 37, 38].
According to the majority of reports, pyrite has an indirect band gap transition
and the direct transition is forbidden. In some reports, the forbidden direct band of
pyrite is calculated and is reported to be in the range of 1.5 to 2.6 eV. However, our
results show the indirect allowed transition and do not show the forbidden indirect
transition. The comparison between the Tauc-plots of the modified Kubelka-Munk
function of both the direct and indirect transition states of the pyrite are presented
in appendix 4.
The XRD pattern of both synthesized and commercially used FeS2 show only
the characteristic reflection peaks of the cubic phase of FeS2 (pyrite). FeS2 could
also exist as marcasite, pyrrhotite, or troilite. The characteristic reflection peaks
of marcasite are usually at the positions of 2θ = 33.5, 39, 47.8, and 52◦ (PDF 02-
1342), while for pyrrhotite at 2θ = 30, 34, 43.5, 53.2, 65, and 71◦ (PDF 17-0201),
and for troilite at 2θ = 30, 34, 44, 54, 57, 65, and 51.5◦ (PDF 01-1274).
5.2 Photoelectrochemical Properties of Hematite
The electrochemical behavior of hematite was investigated employing α-Fe2O3 elec-
trodes, which were prepared via dip-coating from the colloidal suspension. In this
section, the current vs. potential properties of the α-Fe2O3 electrodes will be dis-
cussed, followed by discussion of the results obtained from impedance measurements
(flat-band potentials and donor densities).
5.2.1 Current-Potential
Current-potential curves for α-Fe2O3 electrodes are presented in the section 4.3.1.
The first investigations were performed on α-Fe2O3 electrodes obtained at different
calcination temperatures (400 ◦C, 500 ◦C, 600 ◦C, and 700 ◦C). These results are
presented in Figure 4.11. In the cathodic potential area a particular response to
the potential could not be observed. Reduction of dissolved oxygen could be one of
the possible reactions in the cathodic currents [41]. In addition, there is no response
to the light (photoactivity) detected in the negative potentials.
However, the anodic currents show a different behavior. In all of the experiments,
a large rise in anodic current appeared under illumination. The blank tests on FTO
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Figure 5.2: Energy diagram of an n-type semiconductor photoanode under polar-
ization using a potentiostat at different potentials (V ) relative to the
flat band potential (here Vfb) and illustration of the different situation
relating to the photocurrent measurement: Accumulation layer when
V < Vfb (purple shaded region), flat band situation (V = Vfb), deple-
tion layer formation when V > Vfb (yellow shaded region and W show
width of this layer) and finally inversion layer. Bottom: the illustration
of ideal photocurrent density versus applied potential curves are pre-
sented relative to the flat band potential (Vfb), the overpotential for the
oxidation reaction, ηox, is present for a typical electrode with an onset
of photocurrent at Von. Reprinted with permission from [42] c©2013
American Chemical Society.
glasses, which were thermally treated similar to α-Fe2O3 electrodes, indicated that
the photoeffect is only due to the Fe2O3 itself.
As mentioned, the plateau current and the onset potential are the two critical
parameters which should be considered to interpret these results. The onset of
steady-state photocurrent, which usually appears a few tenths of a volt anodic to the
flat-band potential depicts the condition in which enough band bending occurs in
the semiconductor space charge layer (see top of the Figure 5.2). In this case, there
will be a sufficient competition between the hole transfer to the reduce reagents
in the solution and other processes [133]. In the ideal case, the overpotential for
the electrochemical reaction approaches should be zero and it should be possible
to measure the photocurrent at all potentials more anodic than flat band potential
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(and this will be ∼ 0.3-0.4 V, see the green curve in Figure 5.2). However, in
the real case, the system exhibit an overpotential and the photocurrent could not
observed directly anodic of flat band potential but after an additional potential has
been applied (and this will be ∼ 0.8-1.0 V, see red curve in Figure 5.2) [42].
The results show a cathodic shift of the onset potentials when the calcination
temperature is increased. For example, the onset potential of α-Fe2O3 electrode
obtained at 400 ◦C calcination temperature is 1.45 V vs. RHE (in Figure 4.11 0.75
V vs. NHE at pH 13) while the onset potential for α-Fe2O3 electrode obtained at
600 ◦C is 0.91 V vs. RHE (in Figure 4.11 0.2 V vs. NHE at pH 13). Based on
this fact it could be assumed that the charge transfer to the solution is improved
and as result, the electrocatalytic oxygen evolution started at the lower potentials.
This means the decreasing of the overpotential of the water oxidation reaction. In
the next paragraphs, we will interpret this fact and explain the possible reasons for
this behavior.
The second important parameter from the I-V curves is the plateau current, which
indicates the amount of photogenerated holes reaching SCLJ. The results show an
effective rise in the plateau current when the calcination temperature is increased.
For example, for α-Fe2O3 electrodes calcined at 400 ◦C, the photocurrent onset at
about 0.2 V giving J = 0.1 mA cm−2 while for α-Fe2O3 electrodes calcined at 700 ◦C,
J = 0.3 mA cm−2. Altogether the thermal treatment improves the efficiency of the
electrodes.
Sivula et al. present in a review article [4] amongst others the state of the art
hematite photoelectrodes and efforts to improve the efficiency of them. The inves-
tigations on hematite photoelectrodes provide two effective strategies to optimize
the efficiency of hematite performance in PEC (Figure 5.3). These two strategies
are: i) improving the quality of the electrode morphology, which leads to a rise in
the photocurrent density, and ii) surface chemistry and surface treatments, which
leads to a decrease in the essential overpotential for the water splitting. These two
strategies are presented in the Figure 5.3.
The results presented in the section 4.3.1 indicate that at least one of the issues
of the solar water splitting with hematite could be overcome in this work. The
overpotential measured in some experiments is clearly decreased (see Figure 4.12
and and Figure 4.11 for the electrodes calcined at 600 ◦C and 700 ◦C). This should
be considered even though the photocurrent density in the experiments was low, be-
cause it was at least possible to improve this issue in some experiments (with higher
calcination temperatures). Indeed compared to the most recently reported studies
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Figure 5.3: Two strategies for improving hematite performance; i) Morphology con-
trol, ii) Surface chemistry and catalysis; solid black trace: performance
of an ideal hematite photoanode, solid grey trace: performance of state
of the art hematite photoanode, Reprinted with permission from [4]
c©2011 John Wiley & Sons.
about hematite photoelectrodes, the electrodes in this work are produced simply
via dip-coating, and no further treatments, such as surface chemistry treatment
[45], adding or doping catalysts [47, 138, 139], adding sacrificial reagents into the
electrolyte [140], were performed. For example, Tilley et al. [47] could measured a
photocurrent over 3 mA cm−2 at 1.23 V vs. RHE for hematite photoanode (under
AM1.5G 100 mW cm−2 simulated sunlight). The improvement in performance of
the hematite is succeeded due to the using nanostructured hematite and using IrO2
as the catalyst.
Improvement of the photoactivity by annealing is reported by Sivula et al. in
2010 [18]. The authors prepared mesoporous hematite photoanodes by means of a
solution-based colloidal approach. They report that high temperature (700 ◦C and
800 ◦C) thermal treatment leads to an increase in the particle size, and this changed
the optical properties of the films by the increasing the absorption coefficient up to
a factor of 2. In fact in the present study, an increase in the calcination temperature
lead to the color change of the hematite photoanodes from red to dark red. The
diffuse reflectance measurements of hematite electrodes indicate an increase in the
F(R) with a rise in the calcination temperature. The diffuse reflectance spectra




The second relevant point which Sivula et al. mentioned in their report is the
effect of FTO glass. Their investigations showed that upon inreasing the sintering
temperature the Sn atoms could diffuse from the FTO substrate into the Fe2O3.
Thereby, Sn4+ could act as electron donating substitutional impurities. Impurity
doping is known as a convenient method for improving the photocatalytic perfor-
mance. Furthermore, donor doping such as Ti4+ [141], Sn4+ [138], and Si4+ [142]
shows a positive effect on the photoactivity of hematite photoanodes.
The last point in this section is the stability of the hematite photoanodes. In
the present study, all of the photoelectrochemical investigations were performed
in basic medium (0.1 M NaOH). In one of the first investigations on hematite
as photoanode, Hardee and Bard [41] reported on the instability of iron oxide
electrodes in acidic media. In the acidic solution (pH<4) Fe2O3 will be dissolved
slowly. Indeed iron oxide in an acidic solution will be dissolved according to the
following reaction:
Fe2O3 + 6 H
+ −−→ Fe3+(aq) + 3 H2O (5.1)
A further issue which will be discussed in section 5.3.4 about the pyrite electrodes
is the photocorrosion. Photogenerated holes could corrode Fe2O3 in acidic media
according to the following reaction:
6 h+ + Fe2O3 −−→ 2 Fe3+(aq) + 3
2
O2 (5.2)
Further investigations show that Fe2O3 photoelectrodes are stable against photo-
corrosion if the oxidized species of the redox couple are presented in the reaction
[133]. However based on these critical points about the stability of the Fe2O3 elec-
trodes in acidic media, the decision was made that all of the photoelectrochemical
studies in this work were performed in basic solution.
5.2.2 Flat-band Potentials and Donor Densities
The determined flat-band potentials of α-Fe2O3 electrodes are in good agreement
with the reported values in the literature, which is reported to be 0.53 V vs. RHE
by Le Formal et al. [124] or 0.4 V vs. RHE by Dare-Edwards et al. [28]. However,
in the literature other values for the flat-band potential of Fe2O3 exist as well [24].
In some reports it is not clear whether or not the deviation of the pH dependence
of the flat-band potential from -59 mV/pH is considered. For example Quinn et al.
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reported a value of -0.67 V vs. SCE (in 2M NaOH) [143].
In addition, the donor densities of undoped Fe2O3 photoanodes obtained in this
work correspond to the values reported in the literature [24, 124, 144]. The (ND)
was 1.0× 1019 cm−3 for α-Fe2O3-electrode obtained at 400 ◦C and 3.23× 1018 cm−3
for α-Fe2O3-electrode obtained at 600 ◦C. Some reported ND values for hematite
electrodes are summarized as follows: 7.1× 1020 cm−3 for Si-Fe2O3 (by Le Formal
et al. [124]), 5× 1018 cm−3 for TiO2-Fe2O3 (by Dare-Edwards et al. [28]), and
1.0× 1018 cm−3 for undoped Fe2O3 (by Kennedy and Frese [145]).
5.3 Photoelectrochemical Properties of Pyrite
The electrochemical behavior of both FeS2-electrodes prepared from natural pyrite
and commercially available FeS2-powder was investigated (more information about
the electrodes are described in section 3.1.7). At this point, the current vs. potential
properties of the natural pyrite will be discussed. For this reason, it will be better
to consider just one of the CV curves from the Figure 4.14.
Figure 5.4: Cyclic voltammogram of the natural pyrite electrode in the dark (0.1
M NaOH used as electrolyte, pH 13). All possible or assumed reaction
regions are labeled.
Figure 5.4 presents one of the measured voltammograms of the natural pyrite
in the dark. In this case, the electrochemical behavior of pyrite in the dark seems
to be similar to that of a metal, as blocking of currents was not recognized during
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the measurements. This behavior is usually expected from a good and smooth
semiconductor electrolyte junction.
For comparison, Figure 5.5a. presents a typical cyclic voltammogram for a re-
versible single electrode. This figure illustrates how a typical CV curve in case
of perfect contact should be expected. Furthermore, in Figure 5.5b. two cyclic
voltammograms for a metal (here platinum) in different applied potential range are
presented.
For the interpretation of the voltammogram (Figure 5.4), first, the possible reac-
tions in cathodic and anodic potential will be discussed, followed by the explanation
of the photocurrent behavior. At end of this section, the impedance measurement
results will be discussed.
Figure 5.5: a) A typical cyclic voltammogram recorded for a reversible single elec-
trode, b) Typical cyclic voltammogram for a metal (here platinum) in
different applied potential range.[146].
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5.3.1 Anodic Potential (Positive Potential)
In all of the voltammograms (in Figure 4.14), a peak which increases as a function
of the number of cycles could be observed. This peak is labeled as the Fe3+ forma-
tion region in the Figure 5.4 and could be correlated to the reversible potential of
Fe(II)/Fe(III) (E0 = 0.77 V (see reaction 5.3) [135].
Fe3+ + e− −−⇀↽− Fe2+ (5.3)
At the more positive potential region (O2 reduction region in the Figure 5.4) two
possible reactions could occur. One of these could be the oxygen reduction reaction
because all of the measurements were carried out in the presence of air. In aqueous
solutions this reaction typically occurs as follows: the direct 4-electron reduction
pathway from O2 to H2O or the 2-electron reduction pathway from O2 to hydrogen
peroxide (H2O2)[147].
The second possible reaction in this region is a corrosion reaction (reaction 4.6).
Based on this reaction SO4
2– and Fe3+ will be formed and a reddish brown film
will be produced (see Figure 5.7). The color of the film could be from the formation
of Fe(III)-oxide. At this point, no oxidation of H2O to O2 could be assumed.
Furthermore, FeS2 could also produce other sulfur species according to the fol-
lowing reaction:
FeS2 −−→ Fe3+ + 2 Si + 3 e− (5.4)
Here Si depicts interfacial sulfur species which is presumably formed during the
corrosion [30].
5.3.2 Cathodic Potential (Negative Potential)
One of the main electrochemical reaction during cathodic polarization of pyrite
electrode is the reduction of S2
2– ions (reaction 5.5) in the lattice before the H2
evolution reaction (E0 = −0.76 V (vs. NHE, pH 13) [32]. The CV in Figure 5.4
proves this reaction (S2
2– -reduction region).
2 e− + S22− −−→ 2 S2− E0 =−0.48 V (vs. NHE) (5.5)
In addition, the reduction of interfacial sulfur species (Si in the reaction 5.4) could
occur at this point.
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5.3.3 Dark Current versus Photocurrent
Even pyrite electrodes show a quasi-metallic behavior, a clear split between the dark
current and photocurrent could be observed in both the natural pyrite electrode
and the pyrite electrode prepared from the FeS2-powder. Photoeffects are detected
at higher current densities (see blue voltammograms (photocurrent) compared to
the black ones (dark current) in Figure 4.14 and Figure 4.15). For a better com-
Figure 5.6: I-V curves of the natural pyrite electrode measured in 0.1 M NaOH. Left:
cathodic current densities, Right: anodic current densities; The current
densities (mA cm−2) in the dark (black lines) and under illumination
(λ = 455 nm, 18.7 mW cm−2, blue lines) are shown as a function of the
applied potential V vs. NHE.
parison of the photoeffect, two anodic and cathodic currents of the natural pyrite
electrode are presented in Figure 5.6. The cathodic photocurrent shows that the
current density decreases to the lower photocurrent, while the anodic photocurrent
verifies more response to the photoeffect (see labeled red vectors in Figure 5.6). In
the anodic photocurrent a gap of 0.6 mA cm−2 between the dark current and the
photocurrent could be observed.
Another important point during the photoelectrochemical measurements was the
observation of photocorrosion. The photocorrosion was lower during measurements
with lower illumination intensity.
5.3.4 Photocorrosion
The main side reaction at the positive potentials of the photocurrent is the pho-
tocorrosion. During the measurements, the formation of a dark-red film could be
observed. The color of this film is probably caused by the formation of iron oxide
at the pyrite surface.
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Figure 5.7 presents a picture of the natural pyrite electrode after the photoelec-
trochemical measurements. The formation of Fe(III)-oxide at the electrode surface
Figure 5.7: Natural pyrite electrode after the photoelectrochemical measurements;
The left image presents a Raman microscope image of the selected area
of this electrode.
has been investigated by means of Raman microscopy. Figure 5.8 presents two Ra-
man spectra of the natural pyrite electrode. These spectra were taken from two
different spots on the electrode. The black spectrum was taken from a gray spot
that corresponds to pyrite structure [149, 150]. The red spectrum was taken from
a dark red spot which could not be identified as pyrite structure. The bands in this
spectrum are in a good agreement with reported bands of iron oxide hematite in
the literature [148, 150].
After discussion all of the possible reactions in pyrite electrode (see section 5.3.1
and section 5.3.2), it is clear that electrochemistry or photoelectrochemistry on
the pyrite using just water as the supporting electrolyte in not a good choice to




Figure 5.8: Raman spectra of the natural pyrite electrode. The black spectrum
was taken from a gray part of the electrode, the red spectrum was
taken from a dark-red part of the electrode. Labels α-Fe2O3 and FeS2
indicate Raman frequencies (in cm−1) of the typical Raman spectra of
hematite and pyrite reported in the literature. (the values are taken
from [148–150].)
5.3.5 Flat-band Potential of FeS2
In all of the investigations on pyrite in the present study, pyrite shows the behavior
of an n-type semiconductor. This could be assumed from the Mott-Schottky plots.
Generally, when the space charge is populated with electrons, the slope will be
negative. This means that the doping density is negative and the material is a
p-type semiconductor. On the other hand, for an n-type semiconductor, the slope
will be positive [151]. This is the case for the pyrite electrodes in the present study.
Pyrite is found as both an n- and p-type semiconductor in nature. However, the
most investigation on pyrite found that n-type pyrite is more common [16, 31–33,
135, 152–154]. This variety could be caused by the sensitivity of thermoelectric
probe measurement, the surface disturbance induced by polishing, or the presence
of impurities in the samples [16].
As mentioned before, the natural pyrite electrode was corroded during the mea-
surements. Therefore the pyrite electrode was prepared from FeS2 powder. The
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Doctor Blade method was applied to coat commercially available FeS2 powder on
the FTO glass (see section 3.1.7). These electrodes were employed to determine
the flat-band potential of the pyrite by means of impedance spectroscopy. It should
be noted that all of the impedance experiments were carried out in the dark with
frequencies of 500 Hz and 100 Hz (the electrodes were corroded more quickly at a
frequency of 1 kHz). The results, which are presented in the table 4.4 , indicate that
the EFB is in the range between -0.18±0.02 and -0.16±0.02 V vs. NHE (measured
at pH=13). These values are much positive than E0
H+/H2
(−0.76 V vs. NHE, pH
13).
One key factor in the interpretation of these results is the preparation pathway
of the pyrite electrode. As mentioned, the last step in the preparation pathway
was the thermal treatment in the air. The thermal treatment of the iron sulfide at
400 ◦C in air induces the formation of iron oxides (such as Fe2O3 and Fe3O4)[155].
Pelovski et al. investigated thermochemical decomposition of pyrite in the air.
The authors could identify alpha and gamma modification of Fe2O3 beside FeS2 in
their analyses. They proposed that in a temperature range of 683-789 K (corre-
sponding to 409-515 ◦C) FeS2 decomposes according to the:
FeS2 −−→ FeS + S (5.6)








O2 −−→ Fe2O3 + 2 SO3 (5.8)
Based on these reactions and the fact that the pyrite electrodes were thermally
treated in the air, certainly, the electrodes exhibit impurities like Fe2O3. These
impurities lead to the positive shift of the flat band potential.
The band gap of pyrite is reported by several groups to be 1±0.2 eV. In addition,
the flat band potential, the conduction band edge potential (EC), and the position
of the energy bands of pyrite have been investigated by several groups. However,
there is a wide disagreement in the EC values (or EFB, since EFB is usually 0.3 eV
below than EC in an n-type semiconductor). This could be based on the different
applied methods, experimental conditions, or the electrode preparation technique.
Wei et al. [154] also mentioned this difference in their work and try to compile some
of the EC values from the different investigations on pyrite. Figure 5.9 presents some
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of the EC values determined by various authors [154, 156–158].
Figure 5.9: Some of the reported values for the conduction band edge (EC) of
pyrite by different authors, Adapted from [154]; Values are from
[157],#Values are from [154],  Values are from [156], Values are from
[158].
Furthermore, the donor densities (ND) of pyrite electrodes have been determined
(see Section 4.4.2). The donor density of pyrite is reported to be 0.76× 1019 cm−3
[33]. The values obtained in the present study are in good agreement with the
literature.
After the discussion of our investigations on pyrite electrodes, it could be assumed
that the chemistry of FeS2 in aqueous media and electrode preparation method have
a huge factor and these lead to disagreement in the literature about the position of
the conduction band edge.
5.4 Photocatalytic H2 or O2 Production
The two main photocatalysts in the present study are α-Fe2O3 and FeS2. These
two photocatysts have been employed for the photocatalytic O2 and H2 production,
respectively. In almost all of these experiments the photocalyst was loaded with a
co-catalyst. The first four sections of this chapter deal with the role and effect of the
92
5.4 Photocatalytic H2 or O2 Production
co-catalysts in the photocatalytic reactions. In addition, the role of the sacrificial
reagent for each individual process (H2 or O2 evolution) will be discussed.
5.4.1 Role of the Co-catalysts
In the present study, the production of hydrogen gas from the reduction of the H2O,
and the production of oxygen gas from the oxidation of the H2O was studied. For
this purpose, the co-catalyst (Co-Cat) loaded Fe2O3 (or FeS2) has been employed
under visible illumination. Platinum (Pt), Gold (Au), Cobalt (Co), Copper (Cu),
Iridium (Ir), Chromium (Cr), Ruthenium (Ru), and Nickel (Ni) were loaded as pure
metal or as metal oxide on commercially available Fe2O3-powders (or FeS2-powders)
as co-catalysts. (See section 3.1.5)
The role of the co-catalysts has been described in detail in section 2.6.1. The
co-catalysts could function as active sites for reduction reactions (or oxidation re-
actions) and/or suppress the reverse reaction of water formation. The role of the
co-catalysts could also be explained with a comparison between reduction and oxi-
dation reactions, which take place in a photoelectrochemical cell. In photoelectro-
chemistry, the interfacial electron transfers during a reduction or oxidation reaction
are separated due to the fact that they proceed at the semiconductor and counter
electrode, both dipping into the redox electrolyte. For example, at a photoanode,
the reactive holes oxidize the redox electrolyte, while photogenerated electrons mi-
grate through an external wire to the counter electrode, where they reduce the
redox electrolyte. In the case of a photocatalyst, the electron transfer during re-
duction and oxidation reactions occurs at the surface of the photocatalyst. It is
generally assumed that the photogenerated electrons are first trapped at reactive
surface sites, before undergoing interfacial electron transfers. Therefore, loading the
photocatalysts with metals could be like introducing a surface “counter electrode”
to the particle and it might improve the efficiency of reactive charge generation (see
Figure 5.10) [96, 103, 159].
Generally, the role of the co-catalysts in both water oxidation and reduction is
important and depends on their interaction with the semiconductor through the
interface/junction. An efficient water oxidation co-catalyst should be capable of
quick transfer of holes to H2O, while a good water reduction co-catalyst should be
capable of quick transfer of electrons for reduction of H+. This is only possible when
the energy levels and electronic structure of the co-catalyst and the photocatalyst
are in harmony. This means the electronic structures (Fermi levels or band levels) of
both materials at the interface should be able to drive the charge transport process
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Figure 5.10: Schematic illustration of the electron transfer through the co-catalyst
(Co-Cat) at the surface of the photocatalyst in the example of an N-
type semiconductor (N-Sc).
in the right direction [160].
In the present work three aspects of the role of the co-catalyst loading have been
investigated: first, the optimum loading amount, followed by the best co-cat for
either the water oxidation or reduction reaction.
5.4.2 Optimum Co-Cat Loading percent
RuO2 and IrO2 have already been shown to be good O2 evolution co-catalysts [59,
65, 161, 162]. On the other hand, Pt is one of the most investigated and common
H2 evolution Co-Cat [163, 164].
The α-Fe2O3 powders have been modified with different wt.% of RuO2 to find
the optimum loading percent for the O2 evolution reaction (see section 4.5.2). Fig-
ure 4.18 presents the results of these investigations. The oxygen production rate
increased clearly when the loading percent of RuO2 was increased to 0.5%. The
optimum loading of this particular co-catalyst for this reaction is 0.5 wt.%. The
oxygen evolution rate decreased with further increase in RuO2 loading (e.g. to 1
wt.%).
Generally, these results show that RuO2 loading has a positive influence on the
O2 evolution reaction. However, the optimum loading percent of the RuO2 should
be considered. At a very high loading percent, RuO2 could react as a recombination
center for the photogenerated electron and holes, and this reduces the photocat-
alytic activity [165, 166]. Based on these results 0.5 wt.% was chosen as the loading
percent for further investigations.
The optimum wt% for the Co-Cat loading on FeS2 has been investigated on
modified FeS2 nanoparticles (see section 4.5.5). The results of these investigations
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have been presented in the Figure 4.20. The interesting point of these results is that
the 0.5 wt% loading shows the highest H2 production rate. 1% loading leads to the
decreased H2 evolution rate. From these results, it could be assumed that an excess
amount of Pt (beyond the optimum loading of 0.5 wt.%) increases the probability of
a recombination reaction and this leads to a decrease in the photocatalytic activity.
The appearance of a maximum in activity with an optimum loading of co-catalyst
has been reported by several authors [102, 165, 167]. The interesting point is that
0.5 wt. % of the loading shows the best results not only in the present study, but
also in many other investigations. Several authors reported an optimum loading
percent of 0.5 for TiO2 photocatalyst [164, 168, 169]. Puangpetch et al. reported
an optimum Pt loading of 0.5 wt.% for SrTiO3 [170]. In ZnO photocatalyst 0.5 wt.
% of α-Fe2O3 is also shown to be an optimum loading percent [171].
Further reasons for the decrease in activity above the optimum loading percent
have also been explained. Too much Co-Cat loading could reduce photon absorption
by the photocatalyst, and as mentioned lead to the production of electron-hole
recombination centers. Another reason could probably be that the Co-Cat might
act as a catalyst, and catalyzes the backward reaction of hydrogen and oxygen [48,
164].
5.4.3 Effect of Co-Cat Loading on O2 Evolution Reaction
In the present study, the production of O2 with metal loaded Fe2O3 under visible
light irradiation was investigated . Therefore Co-Cat/Fe2O3-powders were em-
ployed for the production of O2 through oxidation of water. Thereby Fe
3+ were
used as electron acceptors (sacrificial agents). The results are presented in sec-
tion 4.5.3. Figure 5.11 depicts an illustration of O2 production with co-catalyst
loaded Fe2O3 in the presence of Fe
3+.
The results in the table 4.5 indicate that the O2 production rate is clearly higher
with all Co-Cat loaded Fe2O3 than the bare Fe2O3 expect for IrO2 and Cr2O3
(NiO/Fe2O3 exhibit nearly the same activity as bare Fe2O3).
All three metal oxides RuO2, CuO, and CoO show more or less the same effect
on the O2 evolution rate. This might be due to the fact that transition-metal
oxides in contact with the semiconductor form a Schottky barrier, and this leads to
effective trapping of the holes, resulting in efficient charge separation and improved
photocatalytic activity (see Figure 2.12). Pt and Au loading also improves the
photocatalytic activity of Fe2O3, but less than RuO2, CuO, and CoO. This might
be due to the different loading methods. These two noble metals were loaded by the
95
5 Discussion
Figure 5.11: Schematic illustration of the water oxidation with co-catalyst (M)
loaded Fe2O3 photocatalyst
in situ photodepostion and all of the metal oxides with the impregnation method.
There are some discussions in the literature about the effect of different loading
methods [48, 51]. This variation might affect the contact between the co-catalyst
and the semiconductor and the creation of the active sites for the photocatalytic
reactions. Moreover, Au and Pt are known as good electron acceptor catalysts,
this could be a further reason that the O2 evolution rates in case of Pt/Fe2O3 and
Au/Fe2O3 were less than RuO2/Fe2O3, CuO/Fe2O3 and CoO/Fe2O3.
NiO/Fe2O3 and IrO2/Fe2O3 exhibit less activity than the bare Fe2O3. The in-
teresting point is that NiO/FeS2 shows the highest activity for H2 production (see
table 4.6). Therefore, it could be expected that NiO/Fe2O3 reveals less activity
for O2 production. On the other hand, IrO2 is one of the more often employed
materials for photoelectrochemical oxygen evolution reactions, while a negative ef-
fect on photocatalytic O2 evolution reaction is shown here. However, the reported
photoelectrodes for O2 evolution are usually prepared in different ways. The pho-
toelectrodes are usually prepared under high thermal treatment to improve the
stability of iridium oxide [20, 172]. In contrats, in the present study iridium species
(from IrCl3) were simply impregnated on the iron oxide surface.
In addition, these metal oxides might influence the electronic structure of Fe2O3
and could lower the quasi-fermi level, which raises the recombination of electron-
hole pairs and thus suppresses the O2 evolution. In this case, the recombination
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process becomes competitive or even dominant process against the water oxidation
process (Figure 5.12 b). Generally, the quasi-Fermi level described the electro-
chemical potential of one carrier type at a time (i.e., either electrons or holes)
under nonequilibrium (e.g., illuminated) conditions. Changes in ∆EF effect recom-
bination of the charge carriers (see Figure 5.12 a).
Figure 5.12: a) Energy band model for an n-type semiconductor/liquid contact in
terms of differences in the quasi-Fermi levels (EF,n is the electron quasi-
Fermi level and EF,p is the hole quasi-Fermi level.), b) competition
between recombination of electron-hole pairs through changes in ∆EF
and water oxidation process or c) water reduction process.
Aside from the photocatalytic test, RuO2/Fe2O3 has been characterized. For
this purpose, Raman spectroscopy was applied. Raman spectra of both bare Fe2O3
and RuO2/Fe2O3 were taken to determine the changes in the surface properties.
However, the spectrum of RuO2/Fe2O3 shows no changes in the Raman shift. This
could be due to the low loading percent (0.5). All of the bands in the spectrum
are the same as the bands of the bare Fe2O3. The comparison of these spectra is
presented in appendix 6.
5.4.4 Effect of the Co-Cat Loading on the H2 Evolution Reaction
In the present study, the role of different co-catalysts on the H2 production has
been investigated. Hence, Co-Cat/FeS2-powders were used as the photocatalyst
and sulfide and sulfite as sacrificial electron donors. The results are presented in
section 4.5.6. Figure 5.13 shows an illustration of H2 production for FeS2 with
and without a co-catalyst. The results in table 4.6 demonstrated that the yields
of H2 production are rather high for NiO/FeS2 and Au/FeS2. In these cases, the
deposited Co-Cat could act as an electron sink, which prevents the recombination of
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Figure 5.13: Schematic illustration of photocatalytic H2 formation in the presence
of electron donor employing (a) bare FeS2 and (b) with co-catalyst
(M) loaded FeS2. A co-catalyst could reduces the recombination of
the photogenerated electrons and holes and provides active sites for
proton reduction.
electron-hole pairs. Moreover, NiO, Au, and Pt are well known as good co-catalysts
for H2 production [51]. NiO and Au show high activity here, but this is not the case
for Pt. However, it should be noted that the H2 formation proceeds with relatively
high efficiency even in the absence of any co-catalyst (see FeS2 data in table 4.6).
In this case, it can be assumed that Fe (II) gropes reduce to Fe(0), and this Fe (0)
collected conduction band electrons, similar to Co-Cat deposits on the FeS2 surface.
This mechanism is also described in the literature for Ni (0)/NiO [173].
In the other cases (Cr2O3, CuO, CoO, IrO2, Pt, RuO2), the metal adsorption
on FeS2 might have affected its electronic structure and could lower the quasi-
fermi level, which enhances the recombination of electron-hole pairs and thereby
suppresses the proton reduction evolving H2. The recombination process becomes
the competitive or even dominant process compared to the proton reduction process
(Figure 5.12 c). The last point in this context is that RuO2 and IrO2 are well known
as good co-catalysts for O2 production reactions [5, 51, 65], and it is not a surprise
that they show less activity here for H2 production.
Further investigations on the NiO/FeS2 system have been carried out. Raman
and EDXS were used to determine the changes in the surface properties or chemical
compositions of the sample. The Raman spectrum of NiO/FeS2 shows no changes
in the Raman shift. Here could be also due to the low loading percent of the co-
catalyst (0.5). All of the bands in the spectrum are the same as the bands of the
bare FeS2 sample. The comparison of these spectra is presented in appendix 7.
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However, by means of the EDXS, the existence of NiO in the samples is proved.
The EDXS analyses show 0.48 wt. % of NiO in the sample, which is in good
agreement with the applied loading percent (0.5). The results are presented in
appendix 7.
5.4.5 Oxygen Production in Presence of Fe3+/Fe2+
The photocatalytic O2 evolution on α-Fe2O3 (or Co-Cat/α-Fe2O3) proceeded in the
presence of Fe3+. Iron(III) ions are very effective electron acceptors and already
used for O2 evolution with WO3 and TiO2 particles [108, 110]. Even though AgNO3
is one of the most frequently applied sacrificial reagents for the water oxidation
[5, 97], Fe3+ was the better choice in the present study. Fe(III) ions can react
with photogenerated electrons and produce Fe(II) ions so that a reversible redox
couple (Fe3+/Fe2+, E0 = 0.77 V vs. SHE) is presented in the solution. This is
beneficial compared to Ag+, which can reduce to Ag simply by being deposited on
the photocatalyst surface [11, 108].
In addition, some blank experiments were also performed. In the blank experi-
ments, the ferric solution without the photocatalyst was irradiated and no O2 could
be detected.
The concentration changes of Fe3+ and Fe2+ before and after the photocatalytic
reactions were determined. The results are presented in section 4.7.1 . These
investigations indicate that the amount of consumed Fe3+ is higher than the amount
of produced Fe2+. It is also notable that the consumption and production are
not within the stoichiometric ratio in comparison to the amount of produced O2.
Different parameters should be considered to explain this behavior. Here first this
behavior will be interpreted and the mechanism of photocatalytic water oxidation
in presence of iron ions will be subsequently discussed.
Figure 4.17 reveals that the O2 evolution was rather high in the first 3 hours of
the irradiation, but this drastically changed and became very low in the remaining
time. One reason for this could be the adsorption of oxygen by the photocatalyst
or the loss of oxygen into the gas phase above the solution [108]. Oxygen can also
dissolve in water and is therefore not detectable (solubility of O2=1.28 mmol L
−1
[174]). It is also possible that in acidic media O2 reacts with electrons and H
+ to
produce H2O2 according to the following reaction [147]:
O2 + 2 H
+ + 2 e− −−→ H2O2 E0 = 0.28 V(NHE), pH 7 (5.9)
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H2O2 could also be reduced to H2O:
H2O2 + 2 H
+ + 2 e− −−→ 2 H2O E0 = 1.35 V(NHE), pH 7 (5.10)
Another reason which impairs the O2 evolution procedure is the Fe(NO3)3 solution.
The UV-vis spectra of aqueous Fe(NO3)3 indicate that this solution absorbs the
light with λ < 550 nm (the molar absorption coefficient (ε) of the Fe3+ ion was
calculated to be 0.02 cm2 mol−1) (Figure 5.14). The light absorption of Fe3+ in
this region affects the oxygen production because hematite also absorbs the light
in this region.
Figure 5.14: A comparison between the UV-Vis spectra of the transparent colloidal
α-Fe2O3 nanoparticles and an aqueous solution of Fe(NO3)3 (2 mM)
The effect of Fe3+ ions-absorption on oxygen formation is also discussed by Dar-
went and Mills in 1981 [108]. These authors studied the photocatalytic O2 formation
using WO3 as the photocatalyst in the presence of Fe
3+ ions (0.01 M FeCl3). They
observed that oxygen was only produced in the wavelength range λ < 500 nm, be-
cause WO3 has a band gap of 2.6 eV (corresponding to λ=480 nm). The maximum
O2 production occurred around 410 nm and below this value the O2 production
decreased. They attribute this behavior to the absorption of Fe3+ ions between
320-500 nm (see Figure 5.15).
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Figure 5.15: Comparison between photocatalytic O2 production, applied WO3 pow-
der as the photocatalyst (6.5 mg L−1 of WO3 in 0.01 M FeCl3 0.05 M
H2SO4), and the absorption spectrum of FeCl3 (0.01 M FeCl3 in 0.05
M H2SO4), adapted from [108].
Figure 5.16 depicts the position of the conduction and the valence band of
hematite in contact with water at pH 7 (CB and VB positions determined by
considering the measured EFB- and the Eg- values of hematite in this thesis). The
position of the conduction band of Fe2O3 is much higher than the reduction poten-
tial of Fe3+ to Fe2+ (E0
Fe3+/Fe2+
∼ 0.36 V (NHE) at pH 7) and slightly lower than
the hydrogen production potential. Indeed in some of the experiments traces of H2
gas could be detected but they were not high. In addition, Figure 5.16 illustrates
the reduction potentials of one-electron couples in water at pH 7.




E ≥ Ebg−−−−−→ e− + h+ (5.11)
e− + h+ −−→ recombination −−→ heat (5.12)
4 h+ + 2 H2O −−→ 4 H+ + O2 (5.13)
e− + Fe3+ −−→ Fe2+ (5.14)
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Figure 5.16: Schematic diagram of the energy levels between the semiconductor
Fe2O3 and several redox couples in water at pH 7 (the values of one-
electron couples are taken from [82].
One reason for the low photonic efficiency of the O2 evolution over Fe2O3 is the
recombination of the electron-hole pairs (reaction 5.12). It is also possible for several
side reactions to occur so that an efficient photocatalytic reaction will be prevented.
These side reactions are:
- reverse reaction of holes with Fe2+:
Fe2+ + h+ −−→ Fe3+ (5.15)
- produced O2 (reaction 5.13) reduced to H2O2 according to reaction 5.9 or
could still be adsorbed at surface and produce O2
•– [110]:
O2(ads) + e
− −−→ O2(ads)•− (5.16)
O2(ads)
•− + e− + 2 H+ −−→ H2O2 (5.17)
5.4.6 Hydrogen Production in Presence of S2 – /SO3
2 –
In the present study pyrite electrodes in the electrochemical cell have been studied
and the anodic dissolution of pyrite electrodes has been observed (see section 5.3). It
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is assumed that pyrite in an electrochemical cell reacts with water to produce Fe3+,
SO4
2– , H+ and electrons according to the reaction 4.6. In addition, it is known
that during illumination and in the absence of electron donors the material photo-
corrodes by holes according to reaction 2.5 [135, 175]. However, the possibility of
stabilization of FeS2 in the aqueous solution containing electron donor species such
as I– (E0
I2/I−
= 0.54 V (SHE)), Br– (E0
Br2/Br−
= 1.09 V (SHE)) or Fe2+(E0
Fe3+/Fe2+
=
0.54 V (SHE)) has been reported [30, 176].
Here the photocatalytic H2 production with pyrite (or Co-Cat/pyrite) was in-
vestigated in the presence of S2– and SO3
2– as sacrificial reagents. These species
prevent FeS2 from photocorrosion by acting as hole scavengers and also promote
hydrogen evolution through making up half of the water splitting reaction. The
reaction mechanism for the photocatalytic hydrogen production over FeS2 in the
presence of S2– and SO3
2– is similar to the reported mechanisms of CdS photocat-
alysts (described in section 2.6.5) [103, 113, 177].
The hydrolysis of S2– and SO3
2– ions leads to the formation of a basic media for
the reaction. S2– hydrolyses as follow:
S2− + H2O −−→ HS− + OH− (5.18)
HS− + H2O −−→ H2S + OH− (5.19)
and SO3
2– hydrolyses as follow:
SO3
2− + H2O −−→ HSO3− + OH− (5.20)
HSO3
− + H2O −−→ H2SO3 + OH− (5.21)
Under the basic conditions the flat band potential of FeS2 (∼ -0.60 V NHE, pH 7)
and the redox potential of H+/H2 will be negatively shifted.
In water at pH 7, the position of the valence band of FeS2 is ∼ +0.4 V (NHE) [39]
which is quite below the standard redox potentials of possible oxidation reactions in
this work (blue dashed line in Figure 5.17). Figure 5.17 illustrates the energy level
of the valence band (VB) and conduction band (CB) of FeS2 and their relationship
to the oxidation level of reducing agents in this work. The positions of CB and
VB were taken from the reported values in the literature [27, 30, 33, 39], since
in this work, natural pyrite electrodes were affected by corrosion and the thermal
treatment in air on further pyrite electrodes lead to the positive shift of EFB (more
detail in section 5.3.5). This diagram indicates that two-electron transfer processes
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Figure 5.17: Schematic diagram of the energy levels between the semiconductor
FeS2 and reducing agents in the water at pH 7 (the values of one-
electron couples are taken from [82]).
(oxidation of S2– and SO3
2– to the S2
2– and S2O6
2– / blue dashed lines) are
thermodynamically more favorable than the one-electron transfer (oxidation of S2–
and SO3
2– to the S–• and •SO3 –/ red dashed lines).
The proposed mechanism and all intermediates are summarized here:
- Generation of charge carriers (irradiation with E ≥ Ebg of FeS2):
FeS2 + hν −−→ e−CB + h+VB (5.22)





VB) −−→ FeS2 (5.23)
- Trapping of charge carriers for H2 formation:
2 H2O + 2 e
−
CB −−→ H2 + 2 OH− (5.24)
- Due to the fact that the concentration of S2– is higher than SO3
2– (and
assuming that the reaction rate constant is equal for both oxidation reactions),
we suppose that the photogenerated holes in the valence band oxidize S2– to
104
5.4 Photocatalytic H2 or O2 Production
S2
2– :
2 S2− + 2 h+VB −−→ S22− (5.25)
- S2
2– reacts with SO3
2– to produce thiosulfate (this can efficiently suppress
the formation of disulfide (S2
2– ) ions and support the hydrogen production):
S2
2− + SO32− −−→ S2O32− + S2− (2.18)
This sulfur species could be further oxidized to sulfate by reaction with hydroxyl
groups in the water. Sulfate could also be produced by the oxidation of SO3
2– ions
according to the following reaction[177]:
SO3
2− + 2 h+ + 2 OH− −−→ SO42− + H2O (2.14)
The co-catalysts also play an important role in the oxidation reaction. They could
provide reactive surface sites and support thereby the two-electron transfer pro-
cesses for the oxidation of S2– .
The concentration changes of S2– , S2O3
2– , SO4
2– , and S2O3
2– were determined
and reported in section 4.7.2. These detected products are in good agreement
with the proposed mechanism. The obtained results indicate that more sacrificial
reagents have been consumed than the produced products (see Figure 4.25). This
could be due to the fact that other products were produced which were not de-
tectable by the measurement method chosen in the present work, for example the
production of some interfacial sulfur species or the production of elemental sulfur
[103, 177].
The second important conclusion from the results shown in section 4.7.2 is that
the concentrations of the products are approx. 5 times higher than the concentra-
tion of the produced H2. Based on the proposed mechanism for the H2 production
reaction (reaction 5.24) 2e– are needed. If we assume that h+ just reacts with S2
–
species (reaction 5.25), this gives a 1:1 equivalency. But the results show a different
ratio; 1 (for H2) to 5 (for oxidation products). Therefore it should be considered
that holes also react with other species like SO3
2– (reaction 2.14) or interfacial
sulfur species. Furthermore, electrons could be involved in the reduction of Fe3+
to Fe2+ (reaction 5.3). As mentioned in section 4.7.2, Fe3+ and SO4
2– are formed
in the solution according to the reaction 4.6. These Fe3+ ions could react with the
electrons and this lead to less production of H2 (E
0
Fe3+/Fe2+




5.5 Photocatalytic Water Splitting
The overall water splitting was probed on Pt/TiO2 (single photocatalyst water split-
ting system) and on the combination of Co-Cat/Fe2O3 and Co-Cat/FeS2 (Z-scheme
overall water splitting system). In this section the results of these experiments will
be interpreted and discussed.
5.5.1 Single Photocatalyst Water Splitting System (Pt/TiO2)
Titanium dioxide is the most commonly used photocatalyst for PC and PEC water
splitting systems [5, 48, 53, 81]. In the present study Pt/TiO2 (0.5 wt % Pt)
has been prepared and applied to investigate the overall water splitting in pure
water. The results are presented in section 4.6.1. As mentioned there, the ratio
of the H2/O2 production does not confirm the stoichiometric ratio of H2- and O2-
evolution during the photocatalytic overall water splitting. In fact, the determined
O2 evolution rate was very low (0.14 µmol h
−1).
There are many investigations on TiO2 photocatalysts for water splitting. How-
ever, most of these reports present just the results of the H2 evolution reaction.
Either they use sacrificial reagents such as methanol or just in pure water [56, 98–
100, 132].
Kandiel et al. [167] have investigated platinized TiO2 photocatalyst powders
employing the same experimental equipment, which has been used in the present
work. They could not find any evidence for direct water splitting even in the
presence of very low methanol concentrations and no O2 gas was detected.
An interesting effect of carbonate salt addition on the water spilling over Pt-
loaded TiO2 has been reported by Sayama et al. [178]. They have observed H2
and O2 production only in the presence of carbonate salts. They explained two
reasons for their observations. First, the backward reaction of H2 and O2 (to form
H2O) was suppressed distinctly on Pt in the presence of carbonate ions. The second
reason was the changes in the surface of TiO2 in the presence of carbonate ions.
The surface of titanium dioxide was covered with several types of carbonate species,
thus these carbonate species support desorption of O2 from the TiO2 surface.
The work of Yoshida et al. [179] belongs to few reports about the overall water
splitting over Pt-loaded TiO2. They study the effect of the oxidation state of Pt
species and Pt-loading on the photocatalytic activity of TiO2. The authors assumed
that calcination temperature plays an important role and that different treatment
at temperatures leads to different oxidation states of Pt. Indeed, in the present
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study, the same method for the preparation of Pt loaded TiO2 has been used, and
simultaneous production of H2 (8.33 µmol h
−1) and O2 (0.14 µmol h−1) could be
observed.
In the literature it is mentioned quite often that the adsorption of the initially
produced O2 at the surface of TiO2 is the main reason for less O2 gas detection (or
in some cases, entirely no O2 gas detection) in this reaction. The initial O2 will be
formed in water according to reaction 5.13. This O2 rapidly reacts with electrons








5.5.2 Z-Scheme Overall Water Splitting
Besides titanium dioxide, other materials are also employed for photocatalytic over-
all water splitting. Several tantalate photocatalysts are reported to be able to split
water to H2 and O2 [5, 83, 84, 182]. However, the large band gap of these materi-
als makes it impossible to effectively utilize solar energy. Therefore the Z-scheme
systems (two-photon process) are good strategy to split water under visible light
irradiation.
The present study shows that Fe2O3 and FeS2 have the ideal band gap to absorb
the visible light. Moreover, the band structure of Fe2O3 is appropriate for the oxi-
dation of water and the band structure of FeS2 is suitable for the reduction of water.
In section 4.5.3 and section 4.5.6 it is shown that Co-Cat/Fe2O3 and Co-Cat/FeS2
in the presence of suitable sacrificial reagents could produce O2 and H2, respectively.
In addition, it has been demonstrated that RuO2/Fe2O3 and NiO/FeS2 exhibit the
highest photocatalytic activity compared to other Co-Cat/photocatalyst combina-
tions.
Generally, a Z-scheme system is a combination of one H2- photocatalyst, one
O2-photocatalyst, and an electron mediator. However, the affinity between the
photocatalysts and the electron mediator could inhibit the activity and make this
system complicated. In addition, the electron mediators could promote the back-
ward reactions of the intermediates or undesired water production from H2 and O2.
The light absorption could also be affected by the electron mediators. Based on
these reasons, the first experiments in this system were performed in the absence
of an electron mediator.
The first combination was NiO/FeS2 and RuO2/Fe2O3 in pure water (see ta-
ble 4.7). The combination of two semiconductors is already shown to be an effec-
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Figure 5.18: Illustration of the electron transfer in combination with two photocata-
lysts: a) How to perform an efficient heterojunction structure between
two semiconductor photocatalysts (SC-1/SC-2), b) How is the hetero-
junction structure between NiO/FeS2 and RuO2/Fe2O3, in this case,
there is no electron transfer from the CB of Fe2O3 to CB of FeS2
feasible.
tive approach to improve the photocatalytic activity [51]. Since the combination of
two semiconductors forms a heterojunction structure, this should lead to a better
separation of the photogenerated charge carriers.
Figure 5.18 (a) presents the combination of two semiconductors in a heterojunc-
tion structure. In this figure, it has been assumed that SC-1 absorbs light to produce
photogenerated electron-hole pairs. Holes oxidize water to oxygen while electrons
will be transferred to SC-2 to produce H2. This assumption is the best way to have
an efficient heterojunction structure between two semiconductors. However, this
heterojunction structure is not possible for NiO/FeS2 and RuO2/Fe2O3, because
the band structure of these two semiconductors does not allow this combination.
For the better interpretation, the band gaps and band alignments of hematite and
pyrite are presented in Figure 5.19. Figure 5.19 reveals that the conduction band
edge level of Fe2O3 is lower than that of FeS2. Hence the combination shown in
Figure 5.18(b) is the expected junction between these two semiconductors. This
combination could not support the electron transfer between two particles, which
means that each photocatalyst acts separately to produce H2 and O2. However,
the efficiency of this combination was not satisfied (see table 4.7).
Further investigations were performed involving the electron mediator (redox
mediators). In this case, it is assumed that the redox mediator support the electron
transfer between the two semiconductors. The proposed process is depicted in
Figure 5.20. Here FeS2 (in the reaction Co-Cat/FeS2) reduces water to H2 via
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Figure 5.19: Illustration of the band gaps and band alignments for hematite and
pyrite. Solid thin and thick gray horizontal lines indicate the E
fb
values
of hematite and pyrite, respectively. This illustration depicts how to
perform these two semiconductors in a combination such as a tandem
cell. Reprinted with permission from [39]. c©2012 Mineralogical Society
of America.
the photogenerated electrons, and the photogenerated holes oxidize D (electron
donor, in the reaction I– ) to A (electron acceptor, in the reaction IO3
– ). On the
other hand, on Fe2O3 (in the reaction Co-Cat/ Fe2O3) the photogenerated electrons
reduce A (IO3
– ) back to the D (I– ), while the holes oxidize H2O to O2.
In the present study a combination of IO3
–/I– was used as the reversible redox
mediator. The results are presented in table 4.7. These results indicate that the
rates of H2 and O2 production were improved when the redox mediator was applied.
The interesting point is that almost a stoichiometric ratio for the overall water split-
ting has been obtained. As mentioned, for a stoichiometric overall water splitting
the H2 amount should be twice as high as the O2 amount. In three experiments the
concentration of IO3
–/I– was changed to determine the best concentration ratio
for simultaneous H2 and O2 production. The combination of 0.1 M I
– and 2.5 mM
IO3
– lead to the highest H2 evolution rate while the combination of 0.1 M for both
IO3
– and I– produced the highest O2 evolution rate.
Abe et al. [91] have investigated the simultaneous H2 and O2 production in a
109
5 Discussion
Figure 5.20: Schematic illustration of how to perform Z-scheme water splitting sys-
tem using Fe2O3 as the O2 evolution photocatalyst, FeS2 as the H2
evolution photocatalyst, and a redox couple. On the left side, the
standard potential energy diagram for the water splitting is presented
in V vs. NHE at pH 7.
Z-scheme system employing IO3
–/I– as the shuttle redox couple for different photo-
catalyst couples (such as TiO2-rutile/Pt-WO3 or Pt-TiO2-anatase/Pt-SrTiO3 and
other combinations). The authors investigated the effect of different concentrations
and pH values for the mediator. Indeed they observed the highest H2 production
rate at a low concentration of IO3
– , as observed in the present study. Moreover,
basic pH was more favorable and proved the water splitting reactions. However, in
the present study, the Fe2O3 was not stable at basic pH and no O2 evolution could
be detected.
For a better interpretation of the results, an energy diagram of both Fe2O3 and
FeS2 along with their band gap energies in eV is shown in Figure 5.21. On the
left side, the standard potentials of the redox couples in this system are presented
in V vs. NHE at pH 7 (for I3
–/I– is +0.54 V vs. NHE at pH7, for IO3
–/I– is
+0.67 V vs. NHE at pH 7). The pH value was 7 in all investigations presented in
section 4.6.2.
The position of the standard potentials of the IO3
–/I– is more or less the same
as the valence band position of FeS2 (∼ + 0.6 V vs. NHE, pH 7). This position
is determined according to the reported value in the literature for the conduction
band edge level and band gap energy of pyrite, therefore if the band gap energy is
more than 1 eV (which was determined in the present work and some other reports
[30, 37, 38].) this level could also be appropriate for the IO3
–/I– redox couple as
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Figure 5.21: Schematic diagram of the energy levels between Fe2O3, FeS2, and the
redox couples (IO3
–/I– and I3
–/I– ) in the water at pH 7
well.
Furthermore, it should be considered that in some experiments the concentration
of IO3
–/I– was not same. This lead to changes in the redox potential based on the
Nernst equation:






Here ze is the number of transferred electrons in half-reaction (reaction 5.29). For
example when [IO3
– ]= 0.02 mM and [I– ]=0.1 M, gives EIO3−/I− = 0.63V vs. NHE
at pH 7.
The proposed mechanism for each photocatalyst will be:
- Generation of charge carriers in both photocatalysts (with a visible light
source λ > 420 nm):
hν −−→ e− + h+ (5.28)
- The reactions occuring on the O2 evolution photocatalyst will be: water oxi-
dation by the holes to produce O2 on the Fe2O3 (reaction 5.13) and e
– reduce
IO3
– to I– :
IO3
− + 3 H2O + 6 e− −−→ I− + 6 OH− (5.29)
- The reactions on the H2 evolution photocatalyst will be: water reduction by
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3 I− + 2 h+ −−→ I3− (5.30)
3 I− + 6 h+ + 6 OH− −−→ IO3− + 3 H2O (5.31)
- It should be noted that each reaction which involved IO3
– , I3
– and I– species
has a backward reaction as well. In fact, reaction 5.31 is the backward reaction
of reaction 5.29.
As mentioned, higher I– concentration promotes the H2 evolution rate. Based on
this fact, the following process could be assumed; step 1: the water reduction to H2
and I– oxidation to IO3
– (or first to I3
– then to IO3
– ) over Co-Cat/FeS2, step 2:
reduction of IO3
– to I– and water oxidation to O2 over Co-Cat/Fe2O3. However,
in the case that the concentration of both species was the same, these two reaction
could eventually occur at the same time.
The last experiments in this system involved NiO-Pt/FeS2 and RuO2-Pt/Fe2O3
as the photocatalysts. Here Pt was loaded on NiO/FeS2 and RuO2/Fe2O3 to im-
prove the efficiency. In this case simultaneous H2 and O2 production in a ration of
2:1 was detected.
Two co-catalyst systems have been shown to be a good strategy for improving
the activity of the water splitting reaction. In some investigations, the co-loading
was developed in a core-shell structure (noble metal as core/metal oxide as shell)
[84, 94, 183]. However, this strategy was only effective for the large band gap
materials, which are able to produce both H2 and O2 at the same time. For example,
Ta3N5 was modified with Pt and IrO2 nanoparticles [183]. The high activity of this
modification is due to the core/shell structure and the existence of two co-catalysts
for the collection of both electrons and holes. The electron and hole transport are
rectified and the photocatalytic activity is improved.
5.5.3 Efficiency of the Z-Scheme System
Discussion of the efficiency of the applied dual photocatalyst system (α-Fe2O3 and
FeS2) is important for utilizing and improvements of the system. In this section,
the theoretical conversion efficiency of the dual system of α-Fe2O3/FeS2 will be
calculated.
Bolton et al. [12] calculated ideal solar conversion efficiencies of single-bandgap
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and dual-bandgap systems. For example, the maximum efficiency for a dual system
was ∼ 27% for two semiconductors with band gaps of 1.7 and 1.1 eV.
The conversion efficiency of incident solar energy to chemical (Gibbs) energy was
calculated based on the following equation:
η =
Jg · µex · φconv
S
(5.32)
Jg: absorbed photon flux (photons s
−1m−2), µex: excess chemical potential gen-
erated by the system by absorption of light (237.2 kJ mol−1), φconv: quantum yield
for conversion of absorbed photons into products, S: total incident solar irradiance
(W m−2).
Bolton et al. used solar spectral irradiance for their calculation. In fact eq. (5.32)
could be adapted for other light spectra too. Jg is usually calculated from the
wavelength which is λ ≤ λg (λg wavelength correspond to the band gap energy).
In the present study, two photocatalysts are involved in the reaction. Here it is
considered that the photon flux for both photocatalysts is equal, and is calculated
for a wavelength between 420 - 660 nm. S is calculated from the irradiance of the
used Xe arc lamp, and φconv is 0.25 for a dual system [12]. These figures give a
conversion efficiency of ∼14% for the system.
This calculated efficiency is much higher than observed hydrogen formation in the
Z- Scheme system. For example, the H2 evolution rate of 0.25 µmol h
−1 gives the
efficiency of 3× 10−3 %. This means that the overall energy conversion efficiency
of this system is very low and far from practical application.
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Photoelectrochemical and photocatalytic water splitting to form molecular hydro-
gen and oxygen using solar energy are two approaches to achieve clean and renew-
able energy. The aim of this thesis was water splitting under visible light irradiation
because only in this way could solar light efficiently be utilized. Two iron-based
semiconductors were applied as photocatalysts.
Overall water splitting using visible light irradiation and just one photocatalyst
seems difficult because the photocatalyst which is usually able to perform this
reaction has a large band gap and is most likely not visible light active. Based on
this fact, it was practical to use two photocatalysts with smaller band gaps, so that
one of them was suitable for the H2 evolution reaction and the other one for the
O2 evolution reaction.
The two earth-abundant and iron-based semiconductors in this study were hematite
(α-Fe2O3) and pyrite (FeS2). The band gap energies of these two semiconductors
allow them to be visible light active. In addition, due to the position of their band
gaps, hematite is only able to produce O2 while pyrite can only produce H2.
In the present study nanocrystalline pyrite and hematite were first successfully
synthesized. It is widely believed that nanocrystalline materials have some advan-
tages, such as shorter charge transport pathways and larger redox active surface
areas. Due to these properties the efficiency of the process could be improved. The
synthesized nanoparticles and commercially available powders were employed to
prepare electrodes or used as the photocatalysts in PC O2 or H2 evolution systems.
The PEC measurements were performed to determine the I-V characteristics be-
havior of hematite and pyrite in the dark and under illumination. In addition, the
specific area of I-V curves which is responsible for the water oxidation or water
reduction reaction was investigated. The results of the photoelectrochemical mea-
surements of the hematite electrodes indicate that high thermal treatment (600 ◦C
and 700 ◦C) has a positive effect, photoactivity was increased and the overpotential
of water oxidation reaction in some experiments was clearly decreased. The PEC
measurements of pyrite electrodes demonstrated that this material is very sensitive
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and photocorroded during the measurements. Furthermore, impedance measure-
ments were performed and the flat-band potentials and the donor density of both
photoelectrodes were determined.
One main objective of the thesis was to develop a system which is able to do
overall water splitting under visible light irradiation. The literature and the PEC
measurements made it clear that hematite is an oxygen evolution photocatalyst and
pyrite a hydrogen evolution photocatalyst. In order to find the best combination for
a Z-scheme water splitting system, each photocatalyst was individually studied. In
this process the synthesized nanoparticles were used first and then the commercially
available powders. Moreover, the commercially available powders were investigated
extensively to determine the effect of Co-Cat loading and sacrificial reagents in each
individual reaction.
Photocatalytic water oxidation was investigated employing Fe2O3 (or Co-Cat/
Fe2O3) as the photocatalyst under visible illumination. The surface of the pho-
tocatalyst was loaded with different noble metals or metal oxides to improve the
photocatalytic activity. In pure water, no O2 evolution was observed, therefore in
all experiments Fe3+ was used as a sacrificial electron scavenger. The O2 evolu-
tion rate was clearly increased in Co-Cat modified Fe2O3 compared to bare Fe2O3.
Metal oxides such as RuO2 and CuO improve the water oxidation reactions more
than noble metals such as Pt and Au. The O2 production rate was highest over
Ru/Fe2O3 (0.15 µmol h
−1, ζ = 1.83× 10−3 %) and lowest over IrO2/Fe2O3 (0.01
µmol h−1, (ζ = 0.13× 10−3 %) and Cr2O3/Fe2O3 (0 µmol h−1).
Photocatalytic hydrogen formation was investigated employing FeS2 (or Co-
Cat/FeS2) as the photocatalyst under visible light irradiation. In pure water, no
H2 evolution was detected, which is why sulfide and sulfite were used as sacrifi-
cial reagents (electron donors). These reagents promoted hydrogen evolution reac-
tions and also prevented FeS2 from photocorrosion. The pyrite particles have been
modified with different metals and metal oxides. Both the modified FeS2 and the
unmodified pyrite particles are able to produce molecular H2 in the presence of sac-
rificial reagents. NiO/FeS2 and RuO2/FeS2 showed the highest 14.65 µmol h
−1 (ζ
= 6.66× 10−2 %) and the lowest 5.19 µmol h−1 (ζ = 2.36× 10−2 %) photocatalytic
activity for H2 production, respectively. The theoretical maximum efficiency of this
system (single photocatalyst, and absorbed photon flux between 420 - 660 nm) will
be ∼ 29 %.
The most active O2 and H2 evolution photocatalysts were selected to determine
their performance in a Z-scheme water splitting system. The first investigation
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of this system indicated that the best performance occurs in the presence of a
redox couple. Different concentration combinations of IO3
–/I– were chosen as the
shuttle redox couple. A system of NiO/FeS2-RuO2/Fe2O3 and 0.1 M of IO3
–/I–
as the shuttle redox couple produced the highest simultaneous rate of production
of H2 (0.23 µmol h
−1) and O2 (0.15 µmol h−1). By loading Pt on NiO/FeS2 and
RuO2/Fe2O3 system, H2 and O2 were evolved in a stoichiometric ratio of 2:1.
From the PEC measurements in this thesis it can be concluded that in the case
of hematite electrodes, high-temperature treatment is required to obtain a good
water oxidation rate. On the other hand, pyrite electrodes are unstable in water
and under illumination. Photocorrosion is one of the main issues in the use of
this material as a photoelectrode (photocathode) in the PEC systems. Therefore
developing protection layers for pyrite electrodes should be considered. If these
two photoelectrodes (α-Fe2O3/FeS2) are planned to be applied in a tandem cell
configuration, protection layers are needed to fulfill all requirements of a tandem
device structure.
From the PC investigation it can be concluded that hematite and pyrite are able
to produce O2 and H2, respectively, in the presence of sacrificial reagents. However,
the conversion efficiency was not remarkable compared to the theoretical maximum
efficiency of the system (∼ 29 %). Simultaneous H2 and O2 productions were
succeeded by the combination of both photocatalysts in the z-scheme system. Here
overall water splitting under visible light irradiation could be observed. Hence the
goal of this thesis was achieved. Furthermore, it can be concluded that the charge
transfer between the two photocatalysts is improved by means of the shuttle redox
mediator. In the design of new Z-scheme systems, suitable redox mediators play
an important role. In this context changing the pH or the concentration (ratio of
Red/Ox) may improve photocatalytic efficiency.
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1 Determination of Iron (II/III) Concentration with
1,10-Phenanthroline
In the determination of iron (II) ions in aqueous solutions 1, 10-phenanthroline
(C12H8N2) is used as ligand to form the orange-red Fe(phen)3
2+ complex:
Fe2+ + 3 Phen −−→ Fe(Phen)32+ (1)
This complex is usually rapidly formed in the acidic pH values. Therefore this
reaction was carried out in the pH range of 3.0-3.5 using 0.5 M H2SO4.
Ammonium iron (II) sulfate hexahydrate [Fe(NH4)2(SO4)2 · 6 H2O] was used as
ferrous source for the determination of absorption coefficient (ε) of the ferrous
complex. For this purpose seven standard Fe2+ solution was prepared with the
concentration of: 0.1, 0.2, 0.3, 0.5, 1.0, 1.5 and 2.0 ppm (correspond to 0.2, 0.5,
0.7, 1.0, 2.5, 3.8, 5.1 µmol L−1 respectively). All of the absorption spectrums were
recorded against the reagent blank in the range of 350-700 nm (Figure 1). The
absorption values at λmax = 508 nm correspond to ferrous complex. The molar
absorption coefficient (ε) of the complex was calculated from the molar concentra-
tion and path length according to the Beers low (eq. (3.5)). Linear regression of
absorbance versus the concentration of Fe2+ in the standards gives a calibration
curve (inset of the Figure 1) with the following equation:
y = 311.43x+ 0.0096 (2)
Iron (II) ions concentration was determined with the help of the calibration curve
and accounting to the dilution factor of each sample. From each sample first, the
iron (II) ions concentration was determined. Iron (III) ions concentration was deter-
mined from the total iron concentration in the solution. (The total iron concentra-
tion in the solution was determined by reducing Fe3+ to Fe2+ with hydroxylamine.)
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Figure 1: Absorption spectrums of standard Fe2+ solution with different concen-
tration (in ppm); inset shows the calibration curve in form of absorbance
versus the concentration of Fe2+.
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2 Characterization of Hematite (α-Fe2O3)
2 Characterization of Hematite (α-Fe2O3)
Figure 2: XRD pattern of colloidal hematite after freeze-drying
137
Appendix
3 PEC Characterization of Pyrite-Electrodes
Figure 3: Photon-to-current conversion efficiency (IPCE) spectrum of the natural
pyrite electrode
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4 Diffuse reflectance spectra of commercial FeS2 powder
4 Diffuse reflectance spectra of commercial FeS2 powder
Figure 4: Diffuse reflectance spectra of commercial FeS2 powder, the comparison
between the Tauc-plots of the modified Kubelka-Munk function versus
the photon energy for indirect allowed transition (black graph) and the
forbidden direct transition (blue graph).
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5 Diffuse reflectance spectra of α-Fe2O3 electrodes
Figure 5: Diffuse reflectance spectra of hematite electrodes calcined at different
temperature.
Table 1: Band gap energies of hematite electrodes, prepared from the colloidal sus-
pension (15 mM) of α-Fe2O3 on FTO substrate and calcined at different
temperatures.






6 Characterization of RuO2/α-Fe2O3
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7 Characterization of NiO/FeS2
Figure 7: Raman spectra of the bare FeS2 and NiO/FeS2 (with 0.5 wt % of NiO)
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